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PREFACE 
In training . a c hild to the activity of 
thought, above all things we must beware of 
what I will call "inert ideas"- - that is to 
say, ideas that are merely received into 
the mind without being utilized , or tested, 
or thrown into fresh comb inations. 
In the history of education, the most 
striking phenomenon is that schools of 
learning, which at one epoc are alive with 
1i 
a ferment of genius, in a succeeding 
gene ration exhibit merely pedantry and 
routine. The r eason is, that they are 
overladen with inert ideas. Education with 
inert ideas is not only useless : it is, 
above all things, harmful--Corruptio optimi, 
pessima. 
Alfred North Whitehead ( 1967, p. l- 2) 
Much has been written on the nature and properties of 
the mineral pyrite . It would seem that little more remains 
to be described, qualitatively or quantita ti vely . How eve r, 
as Whitehead implies , one of the most satisfying aspects of 
the applied sciences is the opportu nity to use the wealth of 
ideas availab l e from various other fields in new ways. There 
were several problems in the field of soil science which 
served to motivate my choice of pyrite oxidation as ~ topic 
for st udy . 
Oxidation and reduction processes in soils a re very 
complex and, thus, difficult to study . It could be argued , 
however, that in some cases they are the most important 
processes in the maintenance of so il fertility . Consider, 
! .. 
iii 
for example, that the majority of the world's population 
prefers paddy rice as the dietary staple. Rice generally 
requires continuous flooding fo r growth; conditions which 
lead to anaerobic, chemically reduced soils . In contrast, an 
important step in p r eparation of fields for replanting of 
rice is a d r y, ae r obic, chemically oxidizing fallow period 
of a few days or weeks. Perhaps the chemistry of pyrite 
oxidation can serve to illuminate the chemistry of this 
red u ction- oxidation cycle found in soils. 
The mineral composition of soil has long been used by 
agricultural chemists as an index of ferti l ity. One of the 
many theoretical tools available for the analys i s of ~ineral 
composition is chemical thermodynamics as applied to 
solu t ions at equili br ium with soils . This has been a 
sucessful approach in the case of minerals which simply 
dissolve, however, it has been difficult to analyz e 
situations where minerals are oxidized or reduced . Lindsay 
(1979) has proposed a rather novel method of int e rpretati on 
(pe+pH), for which pyrite oxidation may be a su i tably well 
defined test case. 
The oil crises of the 1970's forced the United States 
to reconsider the utility of its vast reserves of coal as an 
energy source . A large portion of this coal is located in 
shallow deposits in the intermountain regi o n and pyritic or 
other acid - forming mate ri als are found in assoc iation . In 
order to reclaim for perpetual use land which has been 
iv 
mined, acid -forming materials must be identifi ed and 
n e utr al ized or otherwise specia lly treated . What is unique 
about this region is the presen ce of calcareous and sadie 
soils and ove rbur de n in the same areas , even the same 
st r a t a , in which mining is taking place. Th ese alkaline 
mater i als co uld, in p rin ciple , eliminate the need for 
special treatment practices in some cases . Unfortunately , 
the methods used for characterization of the acid and base 
contents of soil and overburden have been found to be 
inaccurate for this region . This study of t he oxidation of 
pyrite under a lkalin e conditions may p r ove useful in the 
interpretation of th e behavior of soil and overburden during 
r ecla matio n. 
Many people have inspired and g u ided me to this point. 
Niwat Hirunburana, Chavalit Chalothorn and Tadesse Kibreab 
of Chiang Mai University helped me see the opportunities in 
soil science . Frank Schnitz~r and Dennis Fransway of the 
Wyoming Department of Environmental Quality provided hard 
questions an d hard data on th e significance of acid - forming 
mate r ials in coal mini n g in this regioil · Fred Bender of AMAX 
Research and Development, Golden, Colorado , was a g re at h elp 
in providing references and a sample of py rit e . Willard 
Lindsay has been very generous in giving suggestions and 
consenting to review this manuscript at Colorado State 
University . I am grateful for the timely advice and 
assistance of Peter Kolesar of the Geology Department and 
Neal Langerman, fo r me rl y of the Department of Chemistry and 
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Biochemistry. I also acknowledge the the continuing guidance 
of the rest of my committee members and the special help of 
Lynn Dudley. I thank Mrs. Betty Smith for her eleventh hour 
help with the production of the printed product . 
I owe many thanks to Jerry Jurinak , my major professor, 
for providing unconditional support and for confidence in my 
work. He has been a worthy example both as a professional 
and as a person. 
I am indebted to my many friends in Logan, who gave me 
much joy, put up with me sometimes and celebrated with me 
when it was time. Al Stevenson and Catherine Sharpsteen were 
particularly important as the generous hosts of weekly 
gatherings. One of my fellow graduate students, Christopher 
Amrhein, made innumerable contributions, tangible and 
intangible to the development of this disserta~ion, 
including: the drawing on page 48, the construction of the 
pyrite electrodes and showing me how to cross-country ski. 
Thanks, Chris. 
This work is dedicated to my parents. Thanks for being 
patient. 
Aaron D. Brown 
Riverside, Calif o rnia 
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ABSTRACT 
Chemi cal Weathering of 
Pyrite in Soils 
by 
Aaron o. Br o wn, Doc tor of Philosophy 
Utah State Unive r si t y , 19 85 
Major Professor: Or. J . J . Jurinak 
Depar tm e nt: Soil S cie n ce and Biometeorology 
xiv 
The pr o ducts of pyrite oxi d a tion, includin g so lution 
phase Fe(OH) 3 , were meas ured und e r co ntroll ed co nd i t io n s in 
o rd e r to inves tig a t e the behavior of pyrite in calcareous 
and alkaline soils. 
Th e dis t ri buti on of s ulfur oxidation p r oducts is pH 
depe ndent and ca n be interp r eted in t e rm s of a metastable 
equilib r ium among thiosulfate, disulfane disulfonate a nd 
sulfi t e . Thiosulfate and s u lfite pr edom in ate in t h e pH range 
grea t er th a n a bout pH 7 or 8 . S ulf a n e disulf o n a t es are more 
predominant at more aci d pH . 
Sol u tion concentration data we r e consistent with tlte 
presence of Fe(OH) 3 . Concentrations of thiosulfate and 
sulfane disulfonate were co n sistent with a redox equilib r ium 
among solution iron and sulfur spec i es ~ t pH 6 to 9 . 
Li n ea r o r zero - o rd er kinetics we r e found to be 
XV 
sufficient for description of pyrite oxidation in this 
st udy. Linear kinetics were observed as electrical 
con ductivity, solution sulfur products and solution plus 
solid phase iron products. The measurement of solution iron 
plus solid-phase iron oxide is a more rigorous approach to 
the extent of reaction than the measurement of sulfate. 
The rate of pyrite oxidation is pH dependent, 
increasing from 10 - 20 pmol(Fe) m- 2 s-l t o 40 - 60 pmol(Fe) 
m - 2 s -l b e tween pH 5 and 9. This is co nsistent with an 
ox idation mechanism involving the r eox idation of solution 
Fe2+ via a reaction between an iron hydroxide complex and 
hydrated oxygen as the rate-determining step . The effec t of 
background electrolytes on oxidation rates at low pH also 
supports this interpretation. 
Pyrite oxidation rates in the presence of calcium 
carbonate, sodium bi ca rbonate, sodium thiosulfate and 
calc ium-satur a ted bentonite can be related to the pH effect . 
Sodi um thiosulfate and DTPA appeared to have specific 
inhibitory effects . 
Column studies show that the disposal of pyritic mine 
spoils or tailings by mixing with calcareous material may 
produce thiosulfate, a good reducing agen t for t oxic metals .. 
Burial of lime below pyritic materials may protect 
grou ndwater quality more e ff ectively than application of 
lime to the surface . 
(206 pages) 
INTRODUCTION 
Pyrite oxidation and dissolution have been studied 
extensively for both metallurgical and environmental 
reasons . In metallurgy, pyrite is a persistent and unwante d 
contami n ant of o r e minerals s u ch as co pper sulfides. 
Hist o ri cally , pyrite was a com merci al source of sulfuric 
acid, but it is now mainly a by-product of the mining 
industry. Its presence in waste dumps and abandoned mines 
has ca used s i g nificant environmental problems as a result of 
the sulfuric acid produced during natural oxidation 
processes. 
The rising cost of disposal of pyritic materials in an 
environmentally sound manner has also promoted interest in 
alternative uses, particularly in agr icultur e. The acid 
producing properties of pyrite could be used to reduce the 
pH of alkaline soils and promote the aggregation a nd 
drainage of sodic calcareo us soils . Iron, sulfur and perhaps 
other micronutrient elements associated with pyrite may be 
useful in adjustment of soil fertility. 
It is ironic th at the chemical transformations of a 
material with such a l ong commercial history and such 
distinct properties would still be so poorly understood. The 
precise mechanism of oxidation of pyrite remains unknown in 
spite of considerable progress in elect r ochemistry . The mode 
of action of the Thiobacilli, bacteria known t o catalyze 
p y rite oxidation under certain conditions, cannot be assesed 
acc urately without a better understanding of the chem istry 
of oxidation. Oxidation and wea thering of minerals in soils 
are processes difficult to measure and predi c t. Such an 
incomplete understanding of the basic chemistry of a mineral 
only compounds this difficulty . 
Sato (1960b) summarized f ou r ba s ic te c hniques used in 
the a n a lysis of pyrite oxidation: analytical, min e r a lo g i cal , 
kinetic and electrochemical. Th e a nalytical a ppr oac h c~nters 
on the stoichiometry of the reaction and the identity of the 
reactants and th e products. The mineralogical app roa c h is 
si milar, except th a t the properties of the so l i d phase 
reactant s and products a re studied exc lusively. Both the 
analytical an d mineralogical properties of pyrite o xid at ion 
are easily and app r o priately des c ribed by the theories of 
chemical th e rm ody n a mi cs . The kinetics of pyrite oxi d a ti on 
can n ot be explai ned by the sa me theories, but depend, 
l i ke wi se, on an accura t e knowl e d ge o f th e reactants and 
products. The kinetic approach can be us ed to help identify 
the possible mechanisms of oxidation at the molecular level. 
Th e elec tro c h em istr y of oxidation com bin es knowledge of 
the stoichiometry o f th e re ac ti on , physic a l properties of 
th e mineral r ea ctants a nd products a nd the th ermodynam ics o f 
the reaction in order to identify the steady state reaction 
mechanism. To this list should be a dded the microbiological 
ap proa c h, most favored in recent years, which simply ass um es 
I 
that the kinetics of pyrite oxidation are entirely dependent 
on the viability of microbial populations. This approach 
also requires information concerning the stoichiometry of 
the reaction, mineralogical properties, kinetics and 
thermodynamics of the rea c tion to to be accurately applied 
(e.g. Hoffmann et al., 1981). 
The purpose of this study was to unravel the complexity 
of the pyrite oxidation r eact i on , particularly as it might 
apply to the c hemistr y of neutral t o alkaline soils and 
analysis of the acid production potential of pyritic 
overburden. Previous assumptions concerning the analytical 
chemis tr y and kinetics of non-biological oxidation were 
reevaluated in order to identify more accu ratel y the 
mechanism of pyrite oxidation. In order to accomplish this 
task all of the c lassical techniques categorized by Sato 
(1960b) were emp loyed. On the basis of the work of o thers 
(Arkesteyn, 1980) further study of the microbiology of 
pyrite oxidation was co n sidered co be unnecessary for the 
applications of conce rn. However, the information gained 
from this study of the chemistry of pyrite oxidation should 
definitely be applied in future microbiological studies. 
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LITERAT URE REVIEW 
Pyrit e is a persistent mineral because of the slowness 
of the oxidation - dissolution reaction in spite of the 
extreme oxidizing cond iti ons of the atmosphere. It is 
thermodynamically unstable in the pre~ence of oxygen as 
indicated by the negative free energy cha n ge calculated for 
the overall reaction: 
FeS 2 + 15/4 o2 + 7/2 H2 o Fe(OH)J + 2 H2so 4 [ 1] 
G 0 -1 . 2 1 MJ mo 1- 1 . 
The kinetic co n straints on this reaction are only beginning 
to be under s t ood . One of th e most recent and extensive 
reviews on pyrite oxidation is that of Lawson (1982) . 
There a r e three mechanisms advanced for the oxidation 
of pyrite: (a) mic robiologi ca l catalysis , (b) dissolution 
followed by homogeneous oxidation or (c) electrochemical 
(heterogeneous) oxidatio n followed by dissoluti o n and 
further homogeneous oxida tion. These mechanisms are not 
mutually exclusive, however, the relative importance of one 
mechanism over ano th e r may be determined by other factors 
such as pH, pe, oxygen pressure or moisture . A majo r 
difficulty in distinguishing among the possible mechanisms 
is that the oxidat i on reaction probably never follows the 
stoichiometry of equation [l] exactly. Elemental sulfur is 
also a common and relatively inert reaction product of 
pyrite oxidation . It has been proposed instead th at at least 
two main reactions must be occurr in g (McKay and Halpern , 
1958), for example: 
FeS 2 + o 2 = Feso 4 + S 
2 FeS 2 + 7 0 2 + 2 H2 o 2 2 FeS0 4 + 2 H2 so 4 
[ 2 a j 
[ 2 b l 
Oxidation of the iron(II) follows separately . Stokes (1901) 
attemp t ed to use this property to analytically distinguish 
between pyrite and marcasite since each mineral produced 
different sulfate to elemental su l fur ratios under 
sta ndardized, anoxic conditions . 
The stoichiometry problem, while critical for kinetic 
studies, has rarely been treated adequately in pyrite 
oxi dation. Usually only one or two compo nents of equatio n 
(l ] are actually measured during the course of the reaction. 
Commonly, oxygen consumed, or s ulfat e (or even H+) produced 
is the only measure of oxidation used (Ainsworth and 
Blanchar, 1984, Pugh et al., 1984, Caruccio et al ., 1981, 
Goldha ber, 1980, Geidel , 1980, Vlek and Linds ay , 1978, Smith 
and Sh umat e , 1970, McKay and Halpern, 1958) . The 
elect ro chemical reduction of Fe3+ (aq) by pyrite has been 
used as a means to study the nature of the oxidation 
reaction (Singer and Stumm, 1970 , Garrels and Thompson, 
1960 , Stokes, 1901). The amoun t of oxidized iron produced 
has also been us ed as a measur~ of extent of r~action 
(Goldhabe r, 1980, Steger, 1977). Elemental sulfur is rarely 
measured because it is insoluble in water and difficult to 
separate from pyritic sulfur. Mishra (1973) deter~ined 
sulfur by cs 2 extraction. Others have determined sulfur by 
difference (Gol dhaber and Reynolds, 1977 , McKay and Halpern, 
19 58). 
The chemistry of sulfur in th e oxidation of pyrite is 
proving to be complex (Goldhaber, 1980, Steger and 
Desjardins, 1978, Goldhaber and Reynolds, 1977, Ginzburg, et 
al., 1961, Sato, 1960a, 1960b). In these investigations, 
thiosulfate, disulfane disulfonate (or other disulfonate) 
and sulfite were found as intermediate oxidation products. 
Not only does the product distribution deviate from the 
stoichiometry of equation [1}, but autocatalytic re ac tions 
involving products are also occurring . 
Thermodynamics £! 
Redox Reactions 
The use of thermodynamics to describe oxidation and 
reduction processes in soils has met with moderate success 
in recent years. Baas Becking et al. (1960) made a landmark 
compilation of redox conditions in natural systems a nd 
related them to the chemistry and microbiology of those 
systems. It was found that the limits of these natural 
conditions were comparab le with the limits of stability of 
several redox-active minerals and solution species. These 
in c luded o r ganic compou nds under the most oxidizing 
conditions, sulfides under the most reducing, ca rbonat es in 
alkaline environments and iron compounds in acidic 
environments. 
The mos t successful thermodynamic studies of redox 
processes in soils have been associated with flooded soils 
in the field or saturated soil/water systems in the 
laboratory. Ponnamperuma's (1972) monograph and Turner and 
Patrick's (1968) review of the chemist ry of submerged soils 
illustrate the extent to whi ch thermodynamics is useful in 
exp laining the order of reactions a nd composition of the 
soil solution after flooding. 
Th e red ox reactions of iron compounds have been the 
subject of th e most study. Huber and Garrels (1953) an d Sate 
(l960a and l960b) and many others conducted studies of iron 
minerals of geological interest. Ponnamperuma et al. (1967), 
Goto and Patrick (1972) and Schwab a nd Lindsay (1983) 
have used thermodynamics t o show the importance of 
iron(III) hydroxide, '"ferrosic oxide'' (Fe 3 (0H )s) and iron 
(I I ) carbonate in determining the solubility of iron in 
flooded soils. In acid sulfate soils which have developed as 
a result of dr ainag e of coastal areas and marshes, the 
mineral jarosite (KFe 3(so 4 ) 2 (0H) 6 ) has been id e ntified as 
contributing to iron solubility and reaction (Vlek et al ., 
1974). Jarosite has a lso been identified in mine spoils as a 
buffer of iron solubility and pH (Miller, 1980) . Lindsay 
(1979) has also placed considerable emphasis on the 
inte rpr etation of soil reactions as redox equilibria . 
Electrochemistry of 
Pyrite Oxidation 
The primary mechanism for pyri te oxidation is 
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elect rochemical. These corrosion reaction s have only 
recently been studied extensively altho u gh essential ly 
electrochemical mechanisms for pyrite oxidation were assumed 
by Stokes (1901), Garrels and Thompson (1960) and Singer 
and Stumm (1970). Bailey and Peters (1976) used 18o 2 to 
confirm that molecular oxygen served only as an elec tron 
accep tor in the oxidation of pyrite a nd does not en ter into 
the product formed . Oxygen is reduced at a cathodic site on 
the s ur face of the pyrite, which induces a current. At the 
anodic site , sulfur is oxidized to either elemental sulfur 
or sulfate by the reactions: 
Fes 2 + 8 H2o = Fe
2+ + 2 sot - + 16 H+ + 14 e 
Fes 2 = Fe
2+ + 2 S 0 + 2 e -
[ 3a] 
[ 3b l 
No explanation has been offered for the relative production 
of these reactions. Either o2 or Fe3+ can accept electrons 
and act as oxidant with equivalent effect. The abundance and 
ease of adsorption of these oxidants determine their 
r ela tive importance (Smith and Shumate, 1970). The 
homogeneous oxidation of Fe2+ can ~hus affect th e rate of 
oxidat ion under certai n conditions (Singer and Stumm , 1970). 
Pyrite corrosion products are apparently limited t o 
iron(III), sulfate and elemental sulfur. Peters and Majima 
(1968), Meyer (1979), Biegler and Swift (1979) and Ham ilt on 
and Woods (1981) have shown the principal products to be 
Fe3+ and sol- in the anodic reaction: 
Fes 2 + 8 H2o = Fe3+ + 2 sol - + 16 H+ + 15 e [ 4] 
The iron(III) forms a v i sible laye r of iron hydr oxides on 
the pyrite surface which can lim i t corrosion r ates at hi ghe r 
pH (Meyer, 1979). 
Biegler a nd Swif t (1979) and Hami lt o n a nd ~oods (1981) 
have inf e rr ed from electrode studies th a t e l emen t al sulfur 
is formed at the surface in th e reaction: 
FeS 2 + 3 HzO = Fe(OH) 3 + 2 5° + 3 H+ + 3 e [ 5] 
Based on rota tin g e l ec trod e st udi es , the sulfur pr od u ced is 
present only as a monolayer at pH 9 .2 and 13 , but 
cons ider ab l y g r eate r amounts are produced at pH 4.6 
( Ham il ton and ~o o ds, 1981). 
T h e Kinet i cs of Oxidation 
Reac ti o n s 
Th e kinetics of redo x reactions in soils have been 
st udi e d t o some exten t, parti c ul a rly for nutrient e l ements 
such as nitrogen and sulf u r, but rate l aws a r e u sual ly 
emp ir ically , r at h e r than t heo r e ti cal ly derived, and highly 
dependent on the spec ific exper i menta l conditions. Elemental 
sulf ur and py ri te have received considerable att e ntion due 
to their utility as a mend ments for sadie or sulfur - deficient 
soils and the env ironmental problems caused by pyrite 
oxidat i on in mine spoi ls (~eir , 197 5). 
Kinetics of oxidation a r e u sually tr eated in the same 
manner as dissolut i on reactions. Since the sol ut ion phase is 
the most conven i e nt for analytical purposes, it is usually 
the rate of appearanc e or disappearance o f a solution 
spec i es which i s u sed to d ete rmi ne r eac ti on r a t es (eg. 
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Harvard University, 1970 , Smith and Shumate, 1970). This 
approach is based on the assumption that all r e actants and 
products are known and that their proportions are identical 
to the stoichiometry o f the overall reaction. This is 
reasonable in the case of simple dissolution; however, the 
oxidation of sulfur does not result in a simple product 
distribution. Furthermore, th ere is a tendency to overlook 
the nature of the solid phase when kinetics a r e studied in 
solution . In the oxidation of pyrite, at least two solid 
phases are involved and both the homogeneous (solution) 
reactions and the overall heterogeneous (solid/solution) 
reactions must be cons id ered. 
Microbial Catalysis of 
Pyrite Oxidation 
Pyrite is a thermodynamically unstable mineral when 
exposed to the atmosphere, hence chemical oxidation of 
pyrite is spontaneous and requires no net energy input . 
Sulfur- and iron- oxidizing bacteria, particularly of th e 
genus Thioba c illus, are known to increase the rate of pyrite 
oxidation by many orders of magnitude under the proper 
conditions (Quispel, et al., 1952, Temple and Delchamps , 
1953, Singer and Stumm, 1970, Stumm -Z ollinger, 1972 , 
Ivarson, et al ., 1982). Thiobacillus ferrooxidans is often 
considered the most important factor in pyrite oxidation, 
although the mechanisms of interaction between the organism 
and the mineral environment are poorly understood 
ll 
(Alexander, 1977, Nordstrom, 1~82). A more precise 
understanding of the nature of the non -bi ological oxidation 
of pyrite will enable a more detailed understanding of the 
bi ological mechanism . 
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THE ORY 
A thermodynamic appro ac h to pyrite oxidation 
facili t ates a discussion of solid and solution phase product 
dis tributi on based on solution phase measurements. It will 
also he lp explain th e electrochemical be ha v ior of pyrit e. 
The following re v i e w of the thermodynamic theory o f phase 
relations will allow the logical i nt eg ration of 
ex tr at herm o dyn am ic va ri a bles describing acidity (pH) and 
elect ro c hemical potential (pe) . The se var iables have proven 
to be us ef ul in the analysis of r e dox systems, but th e ir 
interrelationship is not utiliz e d as ef f ec ti vely as it co u ld 
b e . 
Thermodynamic Theory: 
The Phase Rule 
-----
Une of th e gene ral consequences of thermodynami cs is 
tha t the description of a system in terms of all of th e 
in t ensive varia ble s r est ri c ts the number of components in 
th e system that may va ry independently . This r esul t is known 
as the phase rule, fi rst derived b y Gibbs (1961) and is 
written: 
f ~ c + 2 - p - r [ 6 J 
wh e re f is the numb e r of intensive ind ependen t va ri ables , c 
is th e number of component substances, pis t he numbe r of 
homogeneous phase s a nd r is t he numb e r o f r eac ti ons which 
r e late the intensive va ri ab l es of at leas t tw o com ponents. 
l) 
A phase is a homogeneous portion of a system which h<1s 
a dis t i nct discon tinu ity with the othe r phases of the system 
or th e thermodynamic univ erse exte rnal t o th e system 
s tudi ed . Each phase co ntains o n e or more component 
s ubstanc es whose masses may be va ri ed indepe nd ently , 
de finin g th e compos iti o n of t he phase at temper ature and 
pressure . The substance may ei th er be a real compou n d (s u ch 
as CaCO) in wate r ) or it may b e a hypothetical compo un d 
which emp h asizes the independent nature of th e compo nent 
(such as CaO in wa t e r wit h C0 2 ). Each component (j) has a 
co rrespondin g chemical potential uj wh i ch is t he 
diffe r e nti al of the Gibb s free e n e r gy of the ph ase with 
respect to th e mass o f th e component of interest, all other 
variables held co n s t a nt. 
A fundamen t al th e rm odynamic r e lationship be tween the 
Gi bbs free energy G a nd a s e t of independent variables T 
(temperature), P (press ur e) a nd mi (mass of componen t i) fo r 
any given phase can be given as an eq uation of state: G = f 
( T, P, mi) or in its complete differential form: 
dG ( 7 J 
where Sand V a r e the e ntr opy and volume of the phase an d 
the chemical po t ential u of each componen t i is defined: 
ui ~ __ G_ [8] 
mi T, P, ml, mz·· · 
At cons t a nt T a n d P an d holding composi tion constan t, 
in te g ration of equatio n 8 gives : 
( 9 J 
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Differentiating equation [9] and e qua ting it with eq uation 
{8] under isobaric and isothermal co nditions gives: 
0 = mldul + mzduz + • .. + mndun · 
Th is i s the Gi bbs - Duhem eq u a tion, 
[ l 0 l 
whi ch g iv es th e 
relationship b e tween the int ens i ve va ria bles u 1 of the ith 
com ponent of the phase . 
The above a rgument indicates that for any phase 
con t ai nin g n compone nts the tot al number of in te nsive 
varia bl es describ in g the phase is n+2 . Th e int ege r 
acco unts forT and P where u 1 is the parti a l molar fr e.e 
energy as in this example. T he Gibbs-Duhem relationship is 
com pletely gene r a l and ca n be r ead ily d e rived usin g 
the r modynamic fun c tion s U (int e rn al e n e r gy) , H (enthalpy) 
or A (Hel mholtz fr ee energy) with th e constraint th at the 
app ropriat e se t o f indep e nd ent s t a t e variables {T, P, V or 
S) be used with each function. 
Each p h ase of a system has one Gibbs-Duhem e quation an d 
n+2 in d ependent va ri a bl es wh ich describe t he s t ate of eac h 
phase of the system . In general there are p p h ases and np 
compone nts of each phase which when summed ove r all phases 
yiel ds a total of c components and a total of 2p pressure 
and temperature t e rms. Thi s results in c+2p possible 
independent va ri a bl es of th e system . 
If th e sys t em temperature and pressure are held 
co nstant, then there must be a pa ir of e quations r ela tin g 
these variabl es for each unique pair of phases . Each pair of 
equat ion s reduces the numb er of ind ependent variables by 
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two, hence the number of independent variables of a system 
at co nst an t temperature and press ure is c+2 . Ther e a r e also 
p Gibbs -Duh em equations for th e system , each of whi c h 
r e duces the number of independent varia bl es by one to l eave 
c +2-p independent va r iables. 
It is a condition of equilibrium that a cooponent whi ch 
is present in more than on e ph ase must have the same 
chemical potential in each phas e . Each equilibrium reaction 
between phases reduces th e numb e r of independ e nt variables 
by o ne . Also if within the same ph ase there is a reac ti on 
whi c h causes one component to be conve rted to another , th en 
these compone nts a r e not ind e pendently determin ed and th e 
numb e r of independent va r ia b les must be redu ced by on e . 
Co nsid e ring all reactions r among c omponents withi n th e sam e 
and diff e r e nt phases, the original form of the phase rul e is 
now o bt ai ned a s in equation ( 6]. 
Applica tion £..!_ ~ Ph ase Rule t o 
~ Dissolution/Oxidation 
The oxida tion of pyrit e is described by th e balance d 
che mi c al eq uation: 
FeS 2 + 15 / 4 Oz + 7/2 HzO ~ Fe(OH)J + 2 H2 so 4 . [ ll J 
The oxidation reaction is t o the right, formin g iron(lll) 
hydroxide an d sulfuric acid . The reaction t akes place in a 
four ph a se system consisting of a. ga s phase with oxyge n, an 
aqueo us phase c on t aining th e compo n e nts water , aqueous 
oxyge n, sulfuric a c id, dissolv ed pyrite and dissol ved 
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iron(lll) hydroxide, and two solid phases, pyrite and 
iron(lll) hydroxide. There are thus a potential c+2 or 10 
independent variables in the system, for example T, P and 
the masses of each component . The four Gibbs-Duhem eq uation s 
are as follows: 
0 - S(g)dT + V(g)dP + m(0 2 )du(0 2 ) [ 12 a] 
0 = - S(aq)dT + V(aq)dP + m(0 2 )du(o 2 ) + 
+ m(H 2 0)du(H 2o) + m(H 2 so 4 )du(H 2 so 4 ) + 
+ m(FeS 2 )du(FeS 2 ) + m(Fe(OH) 3 )du(Fe(OH) 3 ) [ 12 b J 
0 = - S(FeS 2 )dT + V(FeS 2 )dP + m(FeS 2 )du(FeS 2 ) [ 12 c J 
0 =- S(Fe(OH)J)dT + V(Fe(OH) 3 )dP + 
+ m(Fe(OH) 3 )du(Fe(OH) 3 • [ 12d] 
There are also four independent equatio ns as a consequence 
of the chemical reactions within and between phases. Three 
of these reactions involve the dissolution of oxygen, pyrit e 
and iron(lll) hydroxide in wa ter and the third is the 
interconversion of pyrite and iron(lll) hydroxide which also 
involves water , oxygen and sulfuric acid : 
u(0 2 , aq) - u(o 2 , c) c 0 [ 1 J a] 
u(Fe(OH) 3 , aq) - u(Fe(OH) 3 , c) = 0 [ 13 b J 
u(FeS 2 , aq) - u(F eS 2 , c) = 0 [ 1 Jc] 
1 7 
u(Fe(OH) 3 ) + 2 u(H 2 so 4 ) - u (Fes 2 > + 
- 15/4 u(0 2 ) - 7/2 u(H 2 o) ~ o. [ 13 d 1 
Th ese r eac tions complete the th ermo dynamic description of 
t h e system . 
Fr om the ten possibl e independent va ri ables of the 
system is d ed ucted four degrees of fr eedom f o r each of th e 
four Gib b s -Duh em eq u a tion s, three degrees of freedom fo r 
phase equilib rium reactions and one fo r th e oxidation 
reaction . Two independent variables rema in for th e systclm , 
hence a judicious s elec tion of va r ia bl es (for example T a nd 
P (which includes 0 2 ) o r u(F es 2 , aq) a nd u(F e(O H)3, aq) 
s h o uld com pletely define th e system. 
Thermodynamic Variables ~ 
State in Redox Rea c tion s 
-------
A consequence of the phase rule calculations for pyrit~ 
is that at cons t an t T and P, all chemical po t entials in the 
system can be determined by solution of the set of four 
Gibbs- Duh em equations , three phase equ il ib rium r eactions and 
the c hemical oxi dation reaction . The difficulty in 
thermodynamic a nalysis of thi s system is that th e aq ueo u s 
phase is an elec tr oly t e solution which has a more complex 
behavior than the pure solids or gaseous so lu tion . The 
chemical potential of a n aqueous elec trolyte is more 
con veniently defined in terms of individual ions rather than 
in terms of a compound or substance . This is analytically 
more r ealistic . Ioni c s pecies are usually determined i n the 
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laboratory and it would be difficult to logically pair 
cations and anions as compounds in solution. The treatment 
of single ions in solution can be generalized in a way which 
will allow the extension of the phase r ul e t o redox 
reactions in simple electrolytes. 
Sposito (1981) has defined and derived the standard 
state of an electrolyte in aqueous solution, the 
thermodynamic activity, mean activity coefficients, standard 
state chemical potentials and the equilibrium constant. 
These derivations are not repeated here . 
The conditions for equilibrium in any reaction at 
constant temperature and pressure are derived from the 
integrated form of the Gibbs - Duhem equa t ion [9]: 
n 
j= 1 vjuj•O [14] 
where uj is the chemical potential of the j..£.!::. component, as 
before, and vj is the stoichiometric coefficient in the 
reac tion. The standard state of an electrolyte is defined as 
a hypothetical 1 mol kg-1 solution, a solution which obeys 
Henry's law without deviation. Thermodynamic activity (a) is 
a meas ure of the deviation of the chemical potential from 
its standard state potential u 0 thus: 
[ 15] 
where R and T are the gas constant and temperatur e . By 
substituting equation [15] for each component in equation 
[14], the condition for equilib r ium is transformed to a 
function of standard chemical pot e ntials and the activity of 
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the component in the phase: 
[ 161 
Note that v juj is usu al ly d efi ned as th e standard free 
energy change G0 ) of a re ac t io n and 
K, the equilibrium constant . 
Since ions do not fit the definition of componen ts or 
substances required for thermodynamic va riab les of state , 
the definition of ionic ac tiviti es is a fo r mal convention 
and not a strictly thermodynamic quantity. A single ion 
activi ty is conveniently defined by use of eq uation [15] 
with ions instead of components . If C is a cation, A an 
anio n and m+ a nd n- are valences, then the activities of the 
ions of a solute CnAm are defined by: 
uc 2 ug + nRT logeac 
uA ~ u~ + mRT log eaA 
[ 17 a 1 
[ 17 b 1 
The summa tion of the a bo ve equa tion s shows that the 
individ ual ion activities are r elated t o the activity of the 
solute by: 
This is a co nvenient quantity: more useful than more 
consisten t express i ons for activity (i .e. mean ionic 
activity) . 
[ 181 
Application ~ Single ~ 
Activities to Phase Analysis 
of Pyrite OXld atTCi"n 
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The single ion concept may be exte nded to r ede fin e the 
solutes in oxidation-reduction equatio n [l3d1 in terms of 
dissolved ions: 
u(Fe( OH) 3 , aq) ~ u(Fe3+) + 3 u(OH-) 
u(H 2 so 4 , aq) ~ 2 u(H+ ) + u (sol - l 
u(Fe s 2 , aq) = u(Fe 2+) + u(s~-). 
[ 19 a 1 
[ 19b J 
[ 19 c 1 
It is a logical extension of this formalism t o consider th e 
dissociation of H2 o into ions: 
u(H 2 o) = u(H+) + u(OH-). [ 20 J 
The che mi cal potenti a l of H+ is defined by: 
[ 211 
and th e definition of pH is: 
[ 2 2 J 
so with only a change of a constant facto r pH may be 
red e fin ed as a function of chemica l potentials : 
RI loge 10 
[ 231 
Largely bec a use of the ease of measurement of the pot e ntial 
differenc e in equation [231 usin g a glass membrane 
electrode, pH is a ve r y popular me as ur e d variable. As a n 
ionic species, however, it is not a strict thermodyn a mi c 
property. 
Comparing equation [231 with equation [20) it is clear 
that pH is dependent on u(HzO) which is a t hermodynamic 
state variable. Likewise equat ions [ 19a] and [ 19b] also 
con tain variables whi c h influence pH . Since t he pH of a 
21 
system is a u sef ul variable for analytica l and mathematical 
reasons, it should be recognized as a non-therm ody namic 
state variable related to thermodynamic state va r iables . 
The remaining thermodynamic variable in the aqueous 
phase is o 2 (aq). Oxygen cons umes two e l ec tron s per atom to 
ach ie ve the oxidation state found in H2 S04 and Fe(OH)3 · The 
redox reactions for oxygen and the iron and sulfur compounds 
ana lo go us to the ionic equilibria in equations [19a-c] are: 
u(Oz) + 4 u( e -) ~ 2 u(o2 - ) [24 a] 
u(Fe 2+) = u(e-) + u(Fe3+) [24b] 
u(S~-) = 14 u(e-) + 2 u(s6+) . [24c] 
The free electron is also an extrachermodynamic concep t and 
cannot be treated as thermodynamic state variable . Using the 
same approach as for H+, it becomes a useful variable . 
The chemical potential of the free electron is defined 
in a manner sim ilar to aq ueo us ions: 
[ 25 J 
The pe or redox potential of a solution is defined as: 
[ 26 J 
The pe may be redefined in terms of chemical putentials: 
RI loge-1"() 
which is comple tel y analogous to pH. 
[ 27 J 
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The redox potential of a solution is not as 
conveniently measured as pH. The platinum electrode (a 
source or sink for electrons) is coupled with the standard 
hydrogen electrode to measure redox or oxidation potentials. 
The redox potential as measured by the platinum electrode 
(relative to the calomel electrode) has been used in soils 
(Ponnamperuma et al. 1966, 1967, Ponnamperuma, 1972, Turner 
~nd Patrick, 1968, Lindsay, 1979), but the results have been 
questioned (Lindberg and Runnells, 1984, Whitfield, 1974, 
Bohn, 1969). Another way of determining redox potential or 
the chemical potential of the electron is by measurement of 
the concentration (chemical potential) of the redox-active 
species in solution as suggested by equation [24b] for 
Fe(II) and Fe(III). Comparing this equation with equations 
[19a] and [19c] it is clear that pe is dependent on 
u(Fe(OH)3, aq) and u(FeSz, aq), which are thermodynamic 
variables of state for the pyrite system. This is a 
situation completely analogous to pH. Since pe is a useful 
~athematical, conceptual and possibly analytical tool it 
should, as was pH, be considered as a non-thermodynamic 
state variable related to thermodynamic state va riables. 
Application of State Variables 
pe and pH to-phase Dynamics in 
OXiClation of Pyrite 
The utility of the variables pe and pH is demonstrated 
by substitution of these variables into the original 
description of pyrite redox equilibrium equation [13d]. When 
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e quations [ 19a - c] , [20] and [2 4a ] are used t o r edefine t he 
a queous pha se reaction, equation [28] results: 
0 u(Fe 3+) - u(Fe 2+) + 2 u(sol - ) - u(S~-) + 
+ 1/2 u(H+) - 1/2 u(OH-) 
+ 15 u( e - ) - 15/2 u(0 2 ). [28] 
This equation has eight va riables where the original had 
only five. No te, however, tha t the se va riables a r e all 
dependen t on th e reactions [20] a nd [ 24a - c], so no 
independ e nt va r iables h ave b ee n a dded to the equation. 
Ther e fore, pe and pH are dependent variable s a nd are 
mathematically rel a t ed. 
The use of the f o llowing basic r ela tion s hip s ( with 
e quilibrium constants for the di ssoc iation of water, Kw , a nd 
the reduction of oxygen, K0 , included) a llows e~pression of 
the va riables u(e-), u(H+), u(OH-) and u(o 2-) in t erms of pe 
or pH and co n s t an ts: 
u( e -) u 0 (e - ) 
- (loge 10 ) RT pe [ 29a] 
u(H+) u 0 (H+) (l oge 1 0) RT pH [29b] 
u (OH- ) u 0 (0H-) ( l oge 10) RT ( pK\., + pH) [29c] 
u( o2-) u o(o2 - ) (loge 10) RT (pKo + 2 pe) [ 2 9d ] 
Upon s ub s titution in e qua t ion [28] for the redox r eact i on , 
reduction of t e rm s , inclus i on of standard chemical 
potentials in a single , poo l e d constant ( up ) , the redox term 
containing pe and pH drops o ut of eq uation [28 ], leaving a 
co nstant f u nc ti on of the equili brium constants : 
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- l/Z (loge 10) RT ( pKw + 15 pK 0 ) + [301 
This s ugg ests th at th e p e a nd pH terms of th e oxidation 
equation are related in a way which is mutually dependent. 
It may be argued that this makes them a natural choice for .a 
pooled variable of state in thermodynamic systems containing 
redox r eac ti ons . 
This relation between pe and pH is related to the 
designation of standard state conditions for e - and H+ in 
solut i on . The standard state conditions for H+ are a l mol 
kg -1 solu ti on (HCl) at standard temperature (298.15 K) and 
pressure. The conditio ns for e - are a standard hydrogen 
electrode consisting of an inert, platinum electrode in a 1 
mol kg-l solution of H+ a t a standard l atm pressure of Hz 
(g) at Z98.l5 K. The reaction defining th e standard state 
electrochemical potential for ~ is: 
[Jll 
where H+ and H2 (g) are also in their standard states . Usin g 
equatio n [171 for chemical potentials of all species and 
elimination of standard state (zero) terms r esults in the 
relation: 
pe +pH= - 1/Z loge (Hz) · [ 3Z I 
In aqueous solutions under aerobic co ndi tions this reaction 
may be extended to: 
1 I Z Hz 0 [ 33 I 
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resulting in the r ela ti on: 
pe +pH- l/4 loge (0 2 ) l/2 loge (H 2o). [34] 
The reactions [31] and [33] describe the limits of 
reducing and oxidizing conditions in wa t e r . These relations 
a re plotted in terms of pe and pH in Figure la. Above and 
below the region of stability defined b y these equations 
water wil l tend to decompose to Hz and Oz· Aqueous reactions 
sho uld be limi ted to this region as well . 
Using the pooled variable of state a different met hod 
of plotting t he stability field of water is proposed. This 
method utilizes the standard state relationship between pe 
and pH to redefine th e limits of the common predominance or 
phase diagram. The resulting plot will then r eflect the 
deviations of the solid phase or solid/aqueous phase 
equilib r ia from the standa rd relation between pe and pH. The 
pe +pH term is properly called a redox state variable and 
reflects the choice of standard state for e - as the hydrogen 
electrode . The use of pe + pH versus pH fo r the limits of 
oxidation and reduction in aqueous systems is shown in 
Figu r e lb. 
Comparison of Figures la and lb shows that pe +pH is 
simply a transformation of the pe axis of the ordind.ry pe 
versus pH predominance diagram described by Delahay et dl. 
(1950) and r efined by Sillen (1952) . The parallelogram which 
defines the region of water stability in Figure la is 
transformed into a rectangular area in Fi gu r e lb. 
0 5 10 14 
Figure la . Re d ox (pe) stability diagram f o r water as a 
fun cti on of pH . 
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Figure lb . Transformed redox (pe+pH) stability digram 
for wate r as a function of pH. 
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The use of t his transformation wit h compounds found in 
the oxidat i on of pyrite is shown in Figures 2 and ) . The 
reactions u sed we r e : 
Fe 2 + Fe 3 + + e [35a] 
Fe 2+ + 3 HzO = Fe(OH)) + e + 3 H+ [ 3 5 b l 
Fe(OH)) + 3 H+ = Fe)+ + 3 H2 o [ 35 c I 
Fes 2 + 7 HzO = 15 e - + 19 H+ + Fe(O H)) + 2 so~ - [ 35d] 
The diagrams were dra wn based on the thermodynamic data of 
Lindsay (1979) ass u ming a t o t al i r on co ncentr ation of 0.1 
mol m- J and a sulfate concen tration of l mo l m- 3 , similar c o 
experimen t a l co nditions i n this study . 
Six fields of sta bil ity are s h o wn in Fi gu r e 2 , 
incl ud ing upper and l o we r b oundaries fo r the stability of 
water (H 2 and o 2 ) , pyrite, iron (III) hyd r oxide and aq ueou s 
iron (II) and ir on (III) . Figure 3 omits the stability 
fields for hyd r ogen and oxygen . It is seen in both diagrams 
that as the pH increases , the size of the stability field 
for Fe(OH) 3 also increases. The fact that ther e is a pH of 
maxim um stabili ty of Fe 2+ ove r a range of pe is more clearly 
shown in Figu r e 3 . Also th e size of the stability fi eld is 
not reduced appreciably as the pH increases to 8 . 5 or 9 . 
Clearly, if the pe is decreased in proportion to the 
increase in pH , pyrit e will remain stab l e . 
An obvio u s advan t age of the pe +pH paramet e r in the 
redox diagram is t he cla rit y with which the stability fi elds 
2~~--~----------------~ 
20 
10 
pe vs . pH 
STABILITY DIAGRAM 
for PYRITE 
FeCOH)3 
Figure 2. Redox (pe) sta b ility diagram fo r aqueous 
oxidation of pyrite as a funct i on of pH . 
Ass u med activities of Fe2+ = 10 - 4 H , sol -
10 - ) H; sulfur oxidation is igno r ed . 
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25.-----------------------~ 
fe(OH)3 
-5 
-10 
-15~------~------~------~ 
0 5 pH 0 14 
Figure 3. Transform e d redox (pe + pH) stability diagram 
for aqueous oxi d ation of pyrite as a f un ction 
of pH . Assumed activities of FeZ+ = 10 - 4 M, 
SO~ - = 10 - 3 M; sulfur oxidation is ignored . 
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are portrayed within the limits of stability of water. There 
is no space to fill in with relations thermodynamically 
meaningless for aqueous systems . The participation of water 
and oxygen in aqueous redox reactions is emphasised in the 
pe +pH parameter where the pe alone does not reflect this 
fact. 
Th e pe +pH diagram is not unlike the combination 
diagram of Ga rrells and Christ (1965) which used ion r atios 
as axes . Those ratios were only used when there was a 1:1 
stoichiome tr y of ions in the reactions in the system. There 
is a 1:1 stoichiometry of H+ and e- for the hydrogen 
electrode and for some solid phase equilibria, but not all. 
When plotting the combined parameter against an ion activity 
or partial pressure, the relative sizes of the stability 
fields might vary with pH or pe. This is observed on 
examination of Lindsay's (1979) two dimensional plots or 
Garrells and Christ ' s (1965) three dimensional plots. 
Th e use of the term pe +pH has extended beyond 
equi l ibrium systems. The use of thermodynamics in the 
analysis of flooded soil and acid sulfate soil solution 
chemistry has r equired some minimal assumptions of 
equilibrium or near equilibrium . This has not hindered the 
analyses of Ponnamperuma et al. (1967), Goto and Patrick 
(1972) or Schwab and Lindsay (1983) and many others for iron 
in soils. Sadiq (1977) and Lindsay and Sadiq (1984) have 
demonst r ated that redox poise (constant pe + pH) is 
maintained by the presence of equilibria among oxidizable 
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and reducible soil minerals and the soil solution. Such 
mineral equilibria determine the path of the redox reaction 
as refl ected in the magnitude of the state variables pe and 
pH as well as the relative solution concentrations. 
The reciprocal relationship between pe and pH is cl~ar 
in the experiments reported by Huber and Garrells (1953) and 
Ponnamperuma et al. (1966) for laboratory and soil mixtures 
containing iron min erals. Although pe and pH were forced to 
c h a n ge co nst ant ly in both cases , a linear com bin ation of pe 
+pH remained consta nt, refle ct ing the redox properties of 
one or more iron oxide minerals. These systems were 
definitely not at equili brium, however they were 
sufficiently c lose to afford reasonable analysis using 
thermodynamics. These observations may be employed us efully 
in the analysis of pyrite oxidation. 
Thermodynamics of 
Electrochemical--
Reactions 
A major application of redox stability diagrams is in 
the interpretation of the electrochemical reactions of 
metallic electrodes. Electrode potentials (E and pe) versus 
the standard hydrogen electrode are related to the change in 
Gibbs free e n ergy ( G) of the solid-solution, oxidation-
reduction reaction by: 
G [ 36 l 
where uj is the chem ical potential of the j~ componen t, vj 
is the stoichiomet ri c coefficient for the j~ component , n 
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is the number of electrons transferred per mole of r eactants 
or products, F is the Farada y cons tant and E is the standard 
elect r ochemical poten t ial (in volts) . Rearrangement and 
substitution in equa ti o n [27] yields the relation bet wee n E 
and pe: 
E ~ RT (loge 10) pe 
nF 
Ev a luation of t he constants at 298 K a nd n ; l yields the 
sin.ple equatio n E ~ 0 . 059 pe , wh e r e E is in volts . 
Two elec tr ode r eac tions are represented in Figures 
[ 37 l 
and 3 as the solid- so lut io n phase boundaries between pyrit e 
and Fe2+ and Fe(OH) 3 and Fe2+, By meas uring th e 
elect r oc h emical pot ential of the elec tr ode and th e pH it 
s h ould be possible t o det ermine the nature of the redox 
active solid phase. This has been done with some success for 
eoppe r sulfide minerals, but Sato (l960b) was unable to 
ded~ce a satisfactory electrode r eaction t o explain the 
behlv ior of the pyrit e electrode. Measured potentials at 
va r lo u s pH plotted on a diagram simila r to Figure 2 wer e 
fit t.e d to the thermodynami c data for the r eaction: 
Fes 2 + [ J 8] 
Th e partial pressure of s 2 was ass umed to be 1 atrn for 
esctpe from pyrite to occur. When the same electrodes we r e 
exp>sed to reducing co ndition s (Na 2 s and F eC1 2 ) , the 
mea3u r ed potential shifted in the reducing di r ection , but no 
srui:a bl e reaction could b e found to co rrel a t e these 
p (ot~ ntials with thermodynami c ddta . 
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Peters and Majima (1968) investigated the 
elec trochemical properties of pyrite in concentrated 
perchlo ri c acid solu tion s and found that the rest pote ntial 
of a pyrite electrode (0.62 V vs. SH E, or pe 1 0 .5) was much 
highe r than the thermodynamically calculated potential (0. 35 
V or pe 5.9). After the electrode had been exposed to a 
cathode current, generating H2 s and Fe
2
+, th e rest 
poten tial dropped to between 0.2 and 0.3 V (pe 3.4 and 5.1). 
This suggests th e presence of an oxidized layer at the 
surface of natural pyrite which can be stripped by a 
cathode current. It has been shown by electrochemical and 
spectroscopic means that this is a thin la yer of iron oxide. 
Frost et al. ( 1977) used x-ray photoelectron spectros-
copy (XPS) to me asu r e th e rate of oxidation of pyrite s ul-
fur. By comparing XPS analysis of gro und and unground 
samples it was clear that the oxidized sulfur was mainly 
on the surface of the pyrite. Mitchel l and Woods (1978) 
used a similar method to demonstrate the presence of an 
oxygen -cont aining layer on polished pyrite c r ys tals. The 
weight of the iron oxide film was also estimated by cyclic 
voltammetr y and found to be a monolayer. The voltammetry 
also indicated that the oxidation/reduction reaction 
occurring at the py rite surface was probably due to the 
Fe(OH) 3 /Fe(OH) 2 couple rather than a reaction involving 
pyrite itself. 
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These studies of pyrite corrosion chemistry show that 
the aqueous oxidation of pyrite involves the formation of an 
oxide or hydroxide at the solid/solution interface . Solution 
and oxidation processes observed via solution chemistry must 
reflect the nature of the iron oxide surface of the pyrite. 
This iron oxide layer has the properties of a passive layer , 
a phenomenon which can b e explained in two ways (Uhlig, 
1971). The oxide film theory describes a diffusion barrier 
of oxidation products which separates the metal from the 
solution, limiting the corrosion rate . The adsorption theory 
describes a chemisorbed layer (of oxyge n , for example) which 
prevents hydration and reaction of metal ions with the 
solution. Even less than a monolayer has been observed to 
have a passivating effect in some cases . 
The effects of pH, ionic strength and solution 
composition on pyrite oxidation must depend on the 
properties of the passive layer . The effect of pH on oxide 
surface chemistry is to regulate the amount of adsorbed H+ 
present . At low pH the surface sites can be represented by 
Fe/(OH)!, resulting in a net positive surface charge. At 
high pH the surface sites are Fe/0 - , which results in a net 
negative surface charge . Iron oxide is very soluble dt low 
pH and the tendency would be that the iron oxide lay e r on 
pyrite would dissolve, exposing FeS 2 directly to the 
solution. 
The destruction of the passive layer on metallic iron 
at low pH leads to a dramatic increase in corrosion rates 
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(Uhlig, 1971). As long as an oxide layer is present, 
diffusion of oxygen to the metallic iron surface is rate-
limitin g , hence there is a constant rate of oxidation over a 
wide r a n ge of intermediate pH. The surface of iron in soft 
water is in contact with an alkaline layer of ferrous 
hydroxide. At very high pH the corrosion of iron is further 
limited, apparently by the adsorption of excess oxygen 
or a more stable oxide a t th e solid/solution interface. 
Some dissolved, non-redox ac tive salts (eg. NaCl) 
increase cor rosion rates by th e disruption of the stable 
passive layer (Uhlig, 1971). Hydrogen sulfide disrupts the 
passive layer through the introduction of H+ ions. Other 
substances, such as KI and ''pickling inhibitors'' containing 
N, amine, S and OH functional groups are effective in 
preventing iron co rrosion. At low e r concentrations readily 
reduced ions such as N02 can form ef fective passive layers, 
while ions such as SO~-, Cl04 and Cl- generally do not. 
These passivating substances must be present at certain 
minimum concentra tions for passivation to occ ur. Below 
these concentrations they may actually enhance corrosion . 
Alkal ine compounds such as NaOH, Na 3 Po 4 and Na 2 B4 o7 also 
encourage passivation of steel by interacting with H+ and 
allow in g oxygen adsorptio n at the metal surface. 
The elec t rochemical behavior of pyrite in a soil 
solution should be expected include passivation. The 
elec trochemi cal potential of an electrode composed of pyrite 
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should be related to solution equilibrium chemistry . 
Kinetics of Oxidation 
The kinetics of pyrite oxidat ion a re comp li ca t ed by the 
presence of many components and phas es just as th e 
thermodynamics of the process are complicated by the 
relatively slow rates of reaction . The impo r tant chemical 
r eac tions that can be defined are the dissolution of pyrit e , 
the electrochemical oxidation a nd subsequaent dissolution 
(equations [3a] and [3b]) , the oxidat ion of aqueous iron(II) 
and the oxidation of aqueous sulfur compo unds . Pyrite has a 
very low solubility, hence the oxidation reactions are 
expec ted t o be most important in determining solution 
concentrations of iron and sulfur species . Since homogeneous 
(sol ution) oxidation processes have b een most thoroughly 
studied and are most completely characterized, the oxidation 
of aqueous iron(II) is considered first. 
Kinetics and Mechanisms of 
Homogeneo~Oxidation of--
Aqueous Iron(II) 
The ox idation of iron has been studied most extensively 
in solution reactions . The mechanism of iron oxidation and 
reduction is straigh tforward. Aque ous iron(III ) can accept 
a n elect ron from iron(II) throu gh a slow outer sphere 
elect ron tr ansfer (Ta ub e , 1968). The slowness of this 
reaction has been attributed to the stabilizing effect of 
spin - pairing which can occur among the six Jd electrons of 
iron(II). Silverman and Dodson (1952) studied th e kinetics 
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of this transfe r in acidic sodium perchlorate solution 
and f o und both pH depe nd ent and independent r a te terms . The 
r a te l aw determined co rr espo ndin g to the ac idi c co nditions 
of th e ir experiment has th e form: 
d(Fe3+)= k 1 (Fe 2+)(Fe 3+) + k zK 1 ( F e 2+)(Fe 3+) -~ 
(H+) 
[ 3 91 
wh e re k 1 a n d kz are e mpiri cal l y derived rate constants and 
K1 is the e quilibrium c onstant for th e h yd r o l ysis of a qu eo u s 
iro n ( III): 
[ 4 01 
They sugg es t ed that th e hydroxid e co mplex of iron(III) was 
r es pon sible for th e pH-dep e ndent reaction . 
The ox idation of iron(II ) b y o xygen is mor e 
co mpli ca t e d . S tu mm a nd Lee ( 1961) reported th at the rate of 
oxidation had a first o rd e r dependence on iron (Il) and 
oxyge n pr ess ure a nd se c ond o r der dep e ndence on OH- for pH 
va lu es g r ea t e r t han 6. The r a te law d e t e r mined was : 
[ 41 1 
the rat e co n s t an t and 
POz the partial pre ss ur e of oxygen . 
Go t o e t a l. (1970) have proposed that the r a r e -
determining step is th e r eac tion bet wee n h yd r olyzed iron(Il) 
and oxygen : 
[ 421 
wh e r e o 2 oH is the dissoci a ted form of hydrated oxyge n . The 
elec tr on - transfe r proc ess is cont r olled by th e r ate of 
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diffusion of the iron and oxygen species. This would involve 
the rearrangement of atoms and could be called an inner-
sphere reaction. 
Singer and Stumm (E.P.A., 1970) ex tended the study of 
Fe(II) oxygenation to show that the reaction was independent 
of pH below pH 3. Variation of P0 2 had little effect on 
oxidation rates except at low pressures. The rate eq uat~on 
found for constant P02 was approximately first order in 
iron(II) and may be represented by: 
-d(Fe2+,), k' (Fe2+) 
__ d_t_ 
where k' includes Po 2 and other rate co n stants. The 
similarities between this r elation and the rate law of 
[ 43 l 
Silverman and Dodson (1952) in equation [39] are evident if 
(Fe3+) is presumed to be nearly constan t under Singer and 
Stumm 's experimental conditions . Based on this it was 
inferred that the iron(II)-iron(III) electron transfer was a 
much more rapid reaction than the transfer of electrons to 
oxygen (Singer and Stumm, 1970). 
Tamura et al. (1976a) studied the effects of various 
anions on the acceleration of iron(II) oxidation. It is 
clear that reactive and non-reactive complexes form between 
iron(II) and different anions. Silicate, sulfate, chloride 
and bromide a nions supressed oxygenation relative to 
perchlorate while fluoride and phosphate anions had an 
accelerating effect. This effect is in competition with the 
effect of hydroxide anions. If th e anion complex is more 
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plentiful or more active than the hydroxide complex , then 
two possibilities emerge: either the anion complex is more 
reactive toward hydrated oxyge n or it is less re active . 
These cases a r e repr ese nt e d in rat e eq uation s [ 44a] and 
[44b] respecrively: 
[ 44a] 
1 + k 2 (x 
kJ(OH ) + k4 (X ) (Fe2 + )(0 2 ) 
+ k 5 (0H-) + k 6 (X~ 
[ 44 b l 
where kL through k 6 are arbit rar y names for combined rat e 
and equi librium constants and x-is o ne of th e anions 
mentioned . 
The data of Tamura et al. (l976a) were confirmed by 
Sung and Morgan (1980) who found the rate constant for 
equation [41] to be 1.2 ± 0 .2 X 1013 mol - 2 12 atm - 1 min- 1 at 
an ionic strength of 0 .11 mol(NaCl0 4 ) l- 1 , P0 2 = 0 . 2 a tm, pH 
= 6.84. 
Th e Kinetic Salt Effect 
The effects of ionic strength on the kinetics of ioni c 
r eactio ns a re well known but not well understood. One 
interp r etation of the effect of ionic strength is th at it 
affects the activities of the rea c tants in the formation of 
an intermediate state , the activated co mplex. According to 
this theory, the rate li miting step in a reaction is the 
formation of products from the activated complex . The 
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complex is a ssumed to be in e quilibrium with the reactant 
species, hence an equilibrium co nstant for the reaction can 
be defined: 
* a 
aAaB 
[ 4 5 J 
where a* is the activity of the activated complex and aA and 
a 8 are the activities of the reactants. By substituting the 
expression for activity a = rc , where r is the activity 
coefficient (r:l in dilute solutions) and c the 
concentration, an expression for the concentration of 
activated complex can be derived: 
* c 
Transition state theory has been used t o derive a n 
expression for the rate of reaction in terms of the 
bimolecular rate constant k 2 , Planck's constant h, 
Boltzmann's constant k and temperature T: 
* c . 
The activity coeffic ient r can be estimated for ionic 
[ 46 J 
[ 4 7 J 
species up to ionic strengths betw ee n 100 and 500 mol m-J by 
use of the Davies equation: 
log r = - A z2 
- 0. J I). [ 48 J 
By substituting the Davies equation in the logarithm of 
equatio n [47] and rearrangement an ex pression r elating the 
rate co nstant k 2 to ionic strength is obtained: 
ro . s - o . J r) . [49J 
(l + ro.s) 
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The first term on the right side of the equation is constant 
at a constant temperature. The coefficent A = 0 .512 at 25 C 
(Sposito, 1981), hence, 2A = 1.024, approximately l. Thus, 
this is a linear expression with a slope equal to the 
magnitude and sign of the product of the charges of a pair 
of reactants . Assuming activated complex theory is an 
accurate description of the reaction, the overall rate 
con stant is a sufficient estim a te of the rate constant for 
de com position of the activated complex, k2· 
Based on this analysis the ZAZB predict e d by the Goto 
et al. (1970) mechanism (equation 42) for homogeneous 
oxidation of Fe2+ is (+1) (-1) for a product of -1. This 
implies that the rate of re ac tion will decre ase as io nic 
strength increases. Background anions or cations which 
affect the charges of the reactant species will also change 
the product ZAZB and the response of reaction rate to ionic 
strength. 
Kin e tics ~ Heterogeneous 
Oxidation of Aqueous Iron(II) 
As iron(II) is oxidized to iron(III) in neutral 
solution, the solubility product of iron(III) hydroxide is 
very quickly exceeded. Sung and Morgan (1980) found, for 
examp le, that o-FeOOH was formed in less than an hour . Solid 
phase iron(III) hydroxide can adsorb aqueous iron(II) and 
oxygen and catalyze the oxidation reaction. This is an 
autocatalytic reaction, since one of the products promotes 
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the reaction. Tamura et al. (l976b) found the r ate of 
oxida tion for the hete r ogen~ous reaction to have a 
homogeneous part (as in equation [41]) and a heterogeneous 
part. The latter is determined by the fraction of adsorbed 
Fe2+, the mass of iron(lll) hydroxide, pli and oxygen 
pressure . At con stant pH (6 -7 ) and oxyge n pressure, the rate 
exp ression was found to be: 
[so I 
where kl and k 2 are mixed rate consta nts for the homogeneous 
and heterogeneous reactions, respectively. Values for kz 
were measured for various iron(III) oxides a t pH 6.5 and an 
oxyge n pressure of l atm (Tam ur a e t al., 1980). Amorp h ous 
iron(III) hydroxide (of two different preparati o n s) gave the 
largest kz values , probably a function of surface area . Th e 
k 2 values for o - FeOOH, o-FeOOH and B- FeOOH were lower than 
Fe(OH)J and decreased in that order. 
Using infrared spectroscopy and x- r ay diffraction, Sung 
and Morgan (1980) identified o -F eOOH as th e hydrated 
iron(III) oxide formed from Fe 2 + oxidation around pH 7. The 
val u es they reported for k 1 and kz in eq uati on [45] ~o~ere 
0 . 056 min-1 and 360 mol-l 1 min- 1 for 0 . 5 mo1(NaCl0 4 ) 1-1, 
pH 7 .2, oxygen pressure 0.2 atm and 25°C •• An inhibit o ry 
effec t of Cl - and SO~ - was noted for the heterogeneous 
reaction. Based on the theory of Tamura, et al. (l976a) , 
this may be due to the formation of neutral Fe2+ ion pairs 
which are less reactive with the iron oxide solid phase. 
Kinetics of Pyrite Oxida ti on -
Dissol ut ion 
Mos t "tudies of pyrite oxidation have been conducted 
und e r con diti ons of ext r eme acidi ty found either in 
indust ri al processes o r acid mine drainage . McKay and 
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Halpern ( 19 58) studied pyrite oxidation at high temper a tures 
(100-130° C) and pressures (0- 4 atm o2 ) used in a uranium 
acid -pressure-leach process . They found a r a te law for 0 . 0 
to 0.15 !1 H2 so 4 or HC10 4 first order in o2 and dependent on 
pyrite surface area (Equation [46]): 
[so J 
Th e rate constan t was defined as a fu nction of temp e rdture 
(Equation [51]): 
k • 0.125 exp( -1 3300/RT) (M cm-2 atm- 1 min-1) [51] 
Sulfate and Fe)+ were measured while elemental sulfur was 
observed and calc ul a ted by difference. This rat e law has 
been used re cen tly to describe chemical oxidation at low 
temperatures (30° C) (Hoffmann et al. 1981). Under 
condi tions of constant t e mp ~ rature, oxygen pressur e a nd 
surface a r ea this equation reduces to a pseudo-zer o order 
expression (i . e . constant rate of oxida t ion) . This has been 
observed by Hoffmann et al. (1981), Goldhaber (1980) , and 
Vlek and Lindsa y (1978). 
Garrels and Tho mpson (1960) cond u cted oxidation 
experiments at 33° C and a tmospheric pressure . Oxygen was 
excl uded and iron(III) (as F e 2 (so 4 ) 3 ) was used as the 
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oxidant in sulfuric acid solutions between pH 0 and 2 . Only 
the disappearance of Fe 3 + was measured. The acidity had no 
effect on the reaction rate and it was co ncluded that th e 
iron(II)/iron(III) ratio controlled oxidation r ates . Singer 
and Stumm (1970, EPA, 1970) extended these findings to 
conclude that the rate - dete r mining st~p i n the formation of 
acid-mine drainage was the reoxidation of Fe2+ formed in the 
Fe 3+-mediated oxidation of pyrite . The rate law for the 
homogeneous oxidation of iron(II) of Stumm a nd Lee (1961) 
was applied for the pH- dependent rate betwe e n 4 . 5 and 6 
(Equation [ 41]) and a pH-independent rate equation proposed 
fo r pH below 3.5 (Equation [42] ) . 
While Fe(III) mediated oxidation of pyrit e may be a 
reasonable mechanism in ac idi c media, th e solubility of 
iron(III) compounds at ne u tral pH limits the rate of 
homogeneous oxidation of Fe(Il) . If this were t h e only 
mec hanism, oxidation rates would be tremendously r educe d at 
highe r pH. Smi th a nd Shumate ( 197 0) st udi ed the oxidation of 
pyrite at va rious oxygen pressures, t e mper at ur es , Fe)+ 
conce ntratio n s and pH, measuring consumption of oxygen and 
sulfate production . Two ''dual site'' adsorption-desorption 
re ac tion rat e e qu at ions wer e proposed, one for Fe(III) 
an d o ne for dissolved oxygen . Th e oxygen adsorption eq ua tio n 
is : 
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-d(Fes 2 ) 
dt [52) 
where c0 is oxygen concentration, CN is the concent r ation of 
an ine rt gas competing for the reaction site and Ko and KN 
are adsorption equilib rium constan ts for oxygen and the 
ine rt gas , respectively . The Fe3+ adsorp tion equation is : 
-d (FeS 2 ) kpe3+ 
d t (Fe 3+) - 1 I 2 + ( K 
1 
) 1 I 2 [ 53 ] 
under the conditions that Fe(II)IFe(III) is extremely small 
(oxidizing conditions) and K1 is the adso rption constant for 
Fe 3+. 
Smith and Shumate (1970) reported a n increase in the 
rate of pyrite oxidation with pH. This is what would be 
expected if the mechanism of oxidatio n involved Fe3+ as 
described by Singer and Stumm (1970) . 
The rate of oxidation of pyritic sulfu r is usually 
ignored (assumed very rapid). In recent yea r s the fate of 
pyrite sulfur has been studied in inc r easing detail. 
Goldhaber and Reynolds (1977) and Goldha b e r (1980) observed 
the rate of production of reduced sulf ur intermediates in 
pyrite oxidation, including thiosulfate, mono-, di- and 
trisulfane disulfonate and sulfite. In highly controlled, 
short term experiments at 30°C they observed zero order 
rates of production for all species. The distribution of 
sulfur species varied over the pH range 6-9, which they were 
unable to explain. Steger and Desjardins (1978) also 
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observed thiosulfate as a major reaction product of pyrite 
under humid condi ti ons . 
A novel mechanism for metal sulf ide oxidation (FeS) was 
proposed by Thorn e t. al. (1978) . It was s u ggested that 
sulfi t e might be able to effectively ox i dize iron s ulfid e 
through an adso rption mechanism . Thi osu lfate was th e major 
product obse rved, however, it was supposed that sulfane 
disulfonates and elemen t al sulfur were also being formed 
from the thiosulfate intermediate. Habashi (1981) argued 
that these observations were only of the secondary oxidation 
of elemental sulf ur formed initially from electrochemical 
FeS oxidation. 
Co n siderable evidence exists that pyrite sulfur does 
not oxidize instantaneously to sulfate . The electrochemical 
mechanism (equations [3a] and [3b]) presumes the formation 
of elemental sulfur, which is itself r e l atively inert, and 
also forms other reduced sulfur compounds . Sato (1960b) 
predicted thdt a series of sulfur oxidation reactions would 
be found involving diatomic s u lfur which would parallel the 
iron(II) - iron(lll) reaction. In addition to the 
electrochemical evidence already discussed, steric arguments 
concerning the structure of pyrite were invoked. 
Essentially , pyritic sulfur is diatomic within the crystal 
structure and would logically exit the structure in this 
conformation . 
Structural Chemistry of 
Pyrite 
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Th e unit ce ll of pyrite is cu bi c with a cel l length of 
0.5404 nm (Elliott, 1960). This str u c ture is characteristic 
of a group of metal sulfides a nd a rsenides common e nou g h t o 
be call ed the "pyrite" structure. 
The iron atoms of Fes 2 are octahedrally coo rdinat ed 
with pair e d sulfur a toms (Figur e 4) . Th e int e r a to mic 
distances fo r sulfur to s ulfur a nd i r o n to sulfur a r e 0 . 2171 
a nd 0.2259 nm, respectively (Elliott, 1960) . Based on the 
paramagnetic susceptibility of pyrit e , which is nea rly zero, 
the iron(II) atoms of pyrite are in th e low- spin s t a t e with 
six e l ect rons pai r ed in the thre e bonding 3d o rbitals a nd 
the two Jd a ntibonding o rbit a ls emp ty (Kostov and Minc~va-
Stefa nov a, 1982 , Elliott, 1960) . These em pty orbitals a ll ow 
pyrite to exhi bit semiconductor properties {both n and p 
t ype) . This also permits transfer of electrons f r om a nodic 
regions of th e p y rit e c r ysta l to cathodic r egions where they 
are cons um ed in th e reduction of oxygen o r iron(III) . 
Th e sulfur atoms of pyrite form hybrid orbitals with a 
~lased - shell con fi g urat i on . The filled a ntibondin g 3p -II 
o rbit als of th e sulfur r esul t in a su lfur t o sulfur 
in t e r atomic distance which is somewhat g r ea ter than that of 
elemental sulfur. The d~gree of sharing of the rr* - 3p 
elec tr o n s with the iron( II ) also influences t he s ulfur to 
sulfur b ond length (Elliot t, 1960). Oxygena ti o n of th e 
4 3 
Figure 4. Pyrite crystal structure (redrawn from Wyckoff, 
l948). Small spheres represent iron. Large spheres 
represent sulfur . 
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disulfide to th iosulf ate would r es ult in min imal dis rupt ion 
of th e orbital s tru ctu r e while decreasing th e total formal 
oxidation state of the sulfur. 
Struct u ral Che mistry of Soluble 
Reduced Sulfur Compou;ds 
S ul fur has oxidation states r a n ging from - 2 (as in H2 s, 
hydrogen sulfide) to +6 (as in H2 so 4 ) . Pyrite sulfur has an 
oxidatio n state of - 1 . Oxidation products observed, in order 
of oxidation states, are elemental sulfur (S through Ss)• 
thiosulfate (s 2 o~ -), sulfane disulfonates (SnO~-), sulfite 
(SO~ - ) and sulfa te . The structures of these compounds 
suggest their chemical interactions . 
Elemental sulfu r is most stable as a rin g of eight 
sulfu r atoms . Sho rt er chains of s ulfur atoms are likely to 
occ ur, but do not form stable rings. Thi osulfate (Figure 5) 
consists of a single sulfur bound to a tetrahedral sulfonate 
group (-so 3) and has simple c3 v symmetry. Th e sulfane 
disulfonat!S have only recently been accurately 
characterized (Ferrari , et a!., 1977 ,_ Foss and Hordvick, 
1964 , Mardy, 1971). These consist of chains of sulfur atoms 
(sulfa n es) with sulfonate g r oups a t both en ds of the chain 
(Figures 6 . 7, 8 and 9) . Both sulfite and sulfate have 
simple tetrahedral conformation . Sulfate has Td and sulfite 
CJV symmetry (Banister ~t al., 1968). 
The b ~ nd lengths between sulfu r atoms vary within the 
chain ( Figtres 5 - 9). The two sulfurs of thi osulfate have a 
Figure 5 . Thiosulfate. 
Figure 6 . Monosulfane disulfonate (redrawn from Ferrari 
et al. , 1977). 
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Figure 7 . Disulfane disulfonate (Foss a nd llordvik, 1964). 
Figure 8. Trisulfane disulfonate (Mardy , 1971). 
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Figure 9. Tetrasulfane disulfonate (Mar0y , 1973). 
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bond length of 0 . 200 nm. This is simila r to the bond lengths 
of the internal sulfurs of the sulfane disulfonates (0 . 202 
to 0.204 nm) , the sulfanes and elemental sulfur (Cotton and 
Wilkinson, 1980). Th e sho rtness of the sulfur-oxygen bond is 
at tributed to dll - pll multiple bonding (Cotton and 
Wi lkins on, 1980). The s ulfur-sul fur bond between the last 
sulfane sulfu r and the sulfonate sulfur of the sulfane 
disulfonates is lengthened (0.212 nm) compared with the 
sulfane sulfur-sulfur bonds. This is due to delocalization 
of electrons in the pll orbital of the sulfane sulfurs 
(multiple bonding) while the electrophilic nature of the 
oxyge n atoms of the s ulf o n ate weakens th e sulfonate sulfur 
to sulfane s ulfur bond (Kwart and King, 1977, Schmidt and 
Siebert , 1973) . This makes the terminal sulfur of the 
sulfane the best point of attack by a nucleophile such as 
sulfite or thiosulfate . It is the concantenation properties 
of sulfur which makes the chemistry of sulfur oxidation so 
complex. 
Mechanisms of Aqueous 
Sulfur Oxidation 
The homogeneous oxidation of sulfur is much less 
understood than iron(!!). The problem is the numerous 
different products which result from the oxidation of 
H2 S(aq) and the complexity of the reaction pathways 
necessary to explain their dependence on pH and 
concentrations . The mixture formed is often referred to as 
''Wacke nr oder's liquid'' afte r a 19th cen tur y pharmaceutical 
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che mist who studied the reaction of HzS(aq) with so 2 (aq) in 
a solution of hydrochloric acid (Wackenroder , 1847) . The 
mixture of sulfur compounds formed includes thiosulfate, 
elemental sulfur , sulfane dis u lfonates, sulfite and sulfate, 
(Lyons and Nickless, 1968). 
There has been considerable progress in recent years in 
the clarification of the mechanisms of sulfur oxidation . The 
bre ak through in research was due to the development of 
tracer experiments using 35s. The experiments of 
Christiansen and Orost-Hansen (1949) confirmed the 
importance of neucleophilic displacement reactions in the 
sulfane disulfonates . Their experiment showed that labelled 
sulfite displaced thiosulfate from disulfane disulfonate in 
a relatively neutral solution (pH 6 .1) as shown in equation 
[54 1 
s 4 og- + 35 so~- 35 s 3 og- + s 2 oj- [54 J 
Fava and Divo (1953a, 1953b) conducted decomposition 
experiments with labelled disulfane and monosulfane 
disulfonates. In strong alkali (pH 14) hydroxide displaces 
thiosulfate from both compounds, leaving e i ther sulfite or 
sulfate from disulfane and monosulfane disulfonat es , 
respectively (equations [55] and [56]). 
s 4 og- + 6 oH = 3 s 2oj- + soj- + 3 H2o [55 1 
2 s 3 og - + 6 OH s 2 oj- + 4 sol- + 3 H2 o [56 1 
In neutral solutions, water would react in a similar manner 
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with monosulfane disulfonate (equation [57]) . 
s 3 o~ - + H2o = s 2 o~- + sol - + 2 H+ [57] 
Several acid reactions with thiosulfate , monosulfane and 
disulfane disulfonate we re also indicated . Thi osulfate 
displaces sulfite i n the r everse of equa tion [54], r esu lti ng 
in higher orde r sulfane disulfonates (eq uati ons [58] and 
[59] ) . 
s2oj- + s 3 o~- + H+ - s 4 o~- + Hso5-
s2o5- + s4og - + H+ 2 s 5og- + Hso5-
[So 1 
[59] 
The acid decomposition of thiosulfate to form sulfite and 
elemental sulf ur was also evident. 
Foss (1958) summarized the properties of the 
nucleophilic displacement reaction for sulfane disulfonates 
(equation [60]). 
sno~- + s2o3 - = sn+lo~ - + soj- [60] 
The displacement reaction o c curs at the second sulfur of th e 
sulfur c hain . The sulfonate sulfur a nd the terminal sulfane 
sulfur are displaced in the reverse reaction and the 
sulfonate sulfur in the forward reaction. The site of 
sulfite insertion is sho wn in Figure 10 for a representative 
sulfane disulfonate. This mechanism was only recently 
confirmed by Wagner and Schreier (1978a , 1Y78b). 
The use of chromatographic sepa r ations has pe rmitted 
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Figu r e 10 . Sites (at arrows) for nu cleo philic displ ace me nt 
of thiosulf a t e f r om tri s ulf a ne disulf o nate . 
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the sorting of reaction products of thiosulfate and sulfane 
disulfonate decomposition. Blasius and Kremer (1962) showed 
that the acid decomposition of thiosulfate to su lfite, 
sulfur and sulfane disulfonates was mor e complex in 
concen trated acid than weak acid. In neutral t o alkaline 
solution Blasius and Wermbeter (1962) demonstrated that 
disulfane disulfonate was quite inert, persisting for at 
least 30 days without extensive oxidation or decomposition. 
At higher pH there is some redistribution of sulfur to mono, 
tri and tetrasulfane disulfonate (equation [61]). 
4 s4og- + 6 OH s3og- + s s2o1- + 3 H2o 
Trisulfane disulfonate tends to decompose more rapidly, 
forming mostly disulfane disulfonate, which is more 
persistent . Pollard, et al . (1964a, l964b) confirmed th e 
r esu lts of Blasius and coworkers, also showing th at mono 
[ 61 J 
and disulfane disulfonates are relatively inert (at least 12 
hours) in neutral to acidic solutions, even in the presence 
of thiosulfate. The removal of sulfite from the reaction by 
formalin had little effect on product distribution except at 
high acidities , where it promoted the formation of higher 
order sulfane disulfonates (equation (60]). 
Sulfane disulfonates are relatively inert in aqueous 
solution. The length of the most inert sulfane disulfonate 
species decreases as acidity decreases f rom concentrated 
acids (Wackenr oede r's liquid) to neutral or mildly alkaline 
solutions. Decomposition to thiosulfate, sulfite and sulfate 
occ urs most rapidly at high pH. Sulfur from thiosulfate 
decomposition was r epo rted mainly in acidic solutions 
(Blasius and Kremer , l962 , Fava and Diva, l953a, l953b) . 
Thermodynamics of Reduced 
Sulfur Compounds 
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The distribution of reduced sulfur compounds in simple 
sol uti ons appears to follow a regular pattern as pH 
increases. Goldha ber ( 1980) reported that product 
distribution in short-term pyrite oxida tion experiments 
changed dramatically between pH 7 and 8 . Below pH 7, the 
sulfur produced was found as disulfane disulfonate and 
sulfate . Above pH 8, thiosulfate became the predominant 
su lfur form followed by sulfate, disulfane disulfonate and 
sulfite (Figure 11) . This phenomenon ca n be explained in 
terms of thermodynamic stabilities. 
When a stabili t y diagram is constr ucted for s ul fur 
utilizing all thermodynamic data for a ll known redox 
reactions and species, a very simple picture results. 
Sulfate is more stable than any other oxygen-containing 
sulfur compounds and dominates the diagram . Elemental sulfur 
may occur as a stable species at hi gher acidities and 
hydrogen sulfide is the stable reduced species. 
Unfortunately, such a diagram provides no information 
concerning the relatively inert species thiosulfate and 
disu lf ane disulfonate o r the more proba bl e initial sulf ur 
product of pyrite dissolution, disulfane (S~ - ). 
RELATIVE ABUNDANCE OF 
AQUEOUS SULFUR SPECIES 
1.0.--------------, 
Fraction 
of 
Total 
0 .5 
Oxidized 
Sulfur 
pH 
Goldhabtr !1980) 
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Figure ll. Relative abundance of aqueous sulfur species (as S) 
produced during short-term oxidation experiments as 
a function of pH. Partial pressu r e of oxygen 0 . 2 
(Goldhaber , 1980) . 
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A more useful approach to the th e rmodyn am ics of reduc ed 
sulfur species is to ignore sulfate and its rea c ti ons , 
replacing it with sulfite, a le ss oxidized , more reactive 
species . Sulfate is a relatively inert species . Sulfite and 
other reduced sulfur compounds are more reactiv e and , thus, 
more likely to reach ~quilibrium . The only attempt at such 
a n approach was by Valensi (1973). Figure 12 is similar to 
those of Valensi (1973), but utiliz e d the therm odynamic data 
of Garrels and Christ (1965), Lindsay (1979) and 
Sch wa rtz e nba ch and Fi sc her (1960) . Most significant is the 
pH independent boundary between disulfane disulfon a t e and 
thiosulfate at pe -0.5 and pH 5 to 7. Thus, as pH increases, 
thiosulf a t e becomes thermodynami ca lly stable with r es pec t to 
disulfane disulfonat e , something no t e xpe c ted in terms 
of sulfur oxidation states . 
When the stability of redu ced sulfur compounds is 
plotted using the transformed r edox para me ter pe+pH i t 
becomes eviden t th a t as pH increases, th e s t ability field 
for sulfite a lso increases as th at fo r thiosulf a t e dec r eases 
(Fig ur e 13). Clearly ther e is a thermodynamic bas is for the 
distribution of sulfur co mpounds formed during p y rit e 
ox id a ti o n. 
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pe vs. pH 
STABILITY DIAGRAM 
20 for SULFUR 
pe 
H2 
0 5 pH 
Figure 12 . Redox (pe) stability diagram fo r r educed sulfur 
compou nds as a fun c tion of pH . Assumed total sulfur 
concent r ation 10- ] H. 
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I pe +pH vs. pH 
STABILITY DIAGRAM 
15 
for SULFUR 
pe+pH ~J. 
5 
s 
H""S HS2 
2-
2 2 s2 
00 5 pH 10 14 
Figure 13. Transformed r edox (pe+pH) stability diagram for 
reduced sulfur as a function of pH. Assumed total 
sulfur concentration 10- 3 M. 
Kinetics of Aq ueous 
Sulfu r Oxidation 
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Th e application of nucleophilic d isp lacement reaction 
mechanisms to s ulfur oxid a ti o n kinetics has been limited. 
Foss and Kringlebotn (1961) found that th e r a te cons t a nts 
for the addit ion of thiosulf a t e t o sulfane disulfonates 
(equat i o n [5 6 ] ) were apparenly similar no matte r what the 
length of the sulfane . At pH 6 .8 th e re is no change in ioni c 
st r eng th durin g the reaction and a posi ti ve sa l t e ff ec t, 
which is consistent with a r eac ti on between similarly 
charge d ions. The r ate law deri v ed for the disappearance of 
thiosulfate in the com plex r eact ion was: 
[ 6 2) 
wh e r e k 2 = 1. 3 X 10- 3 mol - l L s -1 is the rat e co nst a nt for 
the addition o f thiosulfate to disulfane disulfonat e a nd cd 
is the initial concen tration of disulfa n e disulfonate . 
An earlier s tudy of th e kinetics of thi os ulfat e 
decomposition in ac idic solutions (Davis , 1958) included 
terms for H+ concen tration (equations [63 a] and [63b]) . 
d(S 8 ) = ka cs 2 o~-)3/2(H+)l/2 
-ur-
d(SO~-) = k b (H) (S 2oj-)2 
-&r---
[ 63 a) 
[ 6 3 b l 
The mechanism identified as consiste nt with these rate laws 
was ba se d on the proposals of Schm idt a nd He i n ri ch (1958) 
thac long chain sulfane monosulfonates were import a nt 
reaction inter med iates . Sulfane monosu lf ona t es other than 
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thiosulfate have not been found (Nickless, 1968). 
The kinetics of sulfide oxygenation in dilute solutions 
has been studied extensively in recent years. Cline and 
Richards (1969) measured the disappearance of s2- (aq) and 
o2 (aq) from natural seawater at a neutral pH of 7.5 to 7 .8 . 
The rate of oxidation was found to be approximately first 
order for both oxygen and sulfide. They noted a catalytic 
effect of Fe2+ (aq) which favored the formation of 
thiosulfate. They measured the amount of thiosulfate and 
sulfite formed, but did not measure sulfate. Chen and Morris 
(1972) found initial sulfide oxidation rates in various 
buffers 1.34 order in sulfide and 0.56 order in oxygen . Peak 
rates of oxidation were measured at pH 7.5 and ll and a 
minimum rate occurred below pH 6, all apparently independent 
of the pH buffers used (no allowance was made for _specific 
salt effects). They supposed that sulfanes were the major 
products in the pH 9 region. 
O'Brien and Birkner (1977) found a rat e expression for 
the disappearan ce of s ul fide and oxygen at pH 7.55 (equation 
[ 6 4] 
Sulfite and thiosulfate wer e also measured and the latt e r 
was a ''stable'' product with a r ate of appearanc e zero order 
in oxygen concentration. Lik ~ the other studies, sulfate was 
zstimated by difference , ~<hich was as much :J.S SO % of the 
oxidized sulfur. 
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In none of these studies was the amount and 
distribution of products measured during the course of the 
reaction . This is unfortunate since the sulfite and 
thiosulfate detected and the excess of sulfide co nstitut e 
the reactants of a Wackenroeder - type solution. Thus, it is 
possible that extensive interactions between reactants and 
products would confound empirically derived kinetic 
relations. 
The reaction mechanism which has been assumed for 
aqueous sulfide oxygenation explains only the formation of 
sulfur, sulfite and thiosulfate (Abel, 1956). Clearly a more 
com plex mechanism needs to be conside~ed to include the 
s ulfane disulfonates and sulfate in neutral solutions. 
Microbial Catalysis of 
Pyrite Oxidation 
The role of bacteria in promoting pyrite oxidation is 
well documented. The ecology of mixed populati ons of iron 
and sulfur oxidizing bacteria ove r the pH con tinuum has not 
been clearly defined, however. 
Thiobacillus ferrooxidans is an acidophilic, 
chemoautotrophic bacterium which oxidizes iron(II) to 
i ron(III) a nd also some sulfur compo unds. It prefers a pH of 
2.0 to 4.5; growth is optimum at pH 2.5 to 3 . 5 (Alexande r, 
1977). It is capable of surviving at high er pU (LeRoux e t 
al.,l980, Kleinman and Crerar, 1979) but its influence on 
pyrite oxidation at alkaline pH should be questioned 
(Arkesteyn, 1980). Otber, heterotrophic bacteria «re also 
capable of iron oxidation, including Metallogenium, which 
has an optimum pH range of ).5 to 5.0 (Al exa nder , 1977). 
These organisms appa rently do not oxidize sulfur. 
66 
Several o ther species of the genus Thiobacillus are 
capable of oxidizing various forms of sulfur. These includ e 
denit r ificans. All except for T. novellus are obligate 
che moautotrophs a nd all a re strict aerobes exce pt T. 
denitrificans, which is a facultative anaerobe. Like T. 
ferrooxidans, T. thiooxidans is acidophilic, preferring a pH 
of 2.0 to ).5 . The other Thiobacilli prefer neutral to 
alkaline pH (Alexander, 1977). 
Heterotrophic bacteria, yeasts and fungi a r e also 
apparently capable of oxidation of sulfur non-metabolic 
purposes. Members of the genuses Artrobacter, Bacillus, 
Flavobacterium, and Pseudomonas are able to oxidize 
ele men tal sulfur and thiosulfat e to sulfate and Streptomyces 
are able to oxidize sulfur to thiosulfate (Alexander, 1977). 
A mechanism of bacterial catalys is of pyrite oxidation 
was proposed by Temple and Delchamps (1953). The first step 
is a non - biological oxidation/dissolution of pyrite to form 
an acidic iron(II) sulfate solution: 
FeSz + HzO + 7/2 Oz [ 6 5 J 
The iron(II) in solution is then oxidized by T . ferrooxidans 
to form an acid iron(III) sulfate solution: 
[ 6 6 J 
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Iron(III) is reduced at the surface of pyrite, regener ati ng 
iron(II) and oxidizing more pyrite: 
[ 6 71 
The elemental sulfur produced may be oxidized chemically by 
iron(III) or "biologically" by T. thiooxi d ans by equations 
[681 or ( 691, respectively: 
S + 6 Fe 2 (s0 4 ) 3 + 8 H2 0 a 12 Feso 4 + 8 H2 so 4 
S + 3/2 o 2 + H2 0 = H2 so 4 
[ 681 
[ 691 
This sequence of reactions is widely accepted as the primary 
mechanism for acid production from pyrite oxidation in acid 
mine wastes (Singer and Stumm, 1970, Smith and 
Shumate, 1970 , 1971, Stumm-Zollinge r, 1972). 
The kinetics of pyrite oxidation in the pres e nce of 
microbial catalysts have been studied extensively. Stumm-
Zollinger (1972) found zero order kinetics which were 
dependent on Ferrobacillus ferrooxidans biomass . Others, 
including Hoffman, et al. (1981), have related microbial 
growth rates to pyrite oxidation rates. Microbial growth is 
described by the Michaelis-Menten equation: 
dB 
dt 
um A B 
K + A 
[ 7 01 
where B is the ''concentration'' of active organisms, um is 
the maximum specific growth rate constant (t - 1), A is the 
surface area of the pyrite and K is the concentration of 
FeS 2 supporting maximum growth . The oxidation of pyrite is 
expressed as: 
-d(Fes 2 1 
dt 
um A B [ 7 1 1 
(K + A) Y 
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where Y is the cell yield coefficient determined by: 
dB ~ -Y d[FeS 2 ]. [ 72 J 
dt 
Bacterial catalysis of pyrite oxidation at pH 2 .0 to 3.5 was 
modelled by Hoffman et al. (1981) using these equations . 
Unfortunately, rate constants had to be determined 
separately for each strain of bacteria tested. 
While the role of microorganisms in pyrite oxidation 
below pH 3.5 is well established, their importance at 
neutral to alkaline conditions has not been resolved . T. 
ferrooxidans does not grow very well at pH greater than 4 . 0 
when the pH is monitored and adjusted daily (Bloomfield, 
1972). It can survive at least short periods of lowered 
acidity, but activity is suppressed until the pH returns to 
normal (Kleinman and Crerar, 1979, LeRoux, et al. 1980). 
Arkesteyn (1980) systematically studied the 
relationship between microbial catalysis of pyrite oxidation 
and pH. This work confirms that T. ferrooxidans is the only 
Thiobacillus which effectively catalyzes the rate of 
oxidation of pyrite. Sulfur oxidizers T. thiooxidans, T. 
thioparus, ~ perometabolis and T. intermedius had no effect 
on the overall rate of oxidation in the presence or absence 
of T. ferroxidans . The sulfur oxidizers apparently utilize S 
as it is released from pyrite by an independent mechanism, 
biological or physical. Innocculated and sterile pyrite 
preparations exhibited nearly identical oxidation rates (as 
iron and sulfur) in chemostats maintained at pH 7-8 . These 
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rates were app r oximately ha l f the microbially catalyzed 
rates at pH 2 - 3 as measured by i r on alone. Calcium 
carbonate, while preventing a pH d r op , did not affect non -
biological oxidation of pyrite . Mic r obial catalysis of 
py r ite oxidation does not occur at neutral to alkal i ne pH 
even in t h e p r esence of Th iobacill i. 
Pyrite Oxidat i on in 
Soils and Overbu r den 
The acidification of soils resulting from pyrite 
ox i dation is a complex p r ocess . In add i tion to the effects 
of surface a r ea , pH and microbial catalysis , many other 
factors are important in determining the rate of oxid a tion 
in soils. These include the physical fo r m of the pyrite (ie. 
reactive surface), the presence of lime, nutrients, moistur e 
co n tent and aeration . 
Smith and Shumate (1970) showed that the morphology of 
the pyritic material had a large effect on the rate of 
ox idation. "Sulfur ball" pyrite separated from coal had a 
surface area of 1.12 m2 g - 1 ( for the 60 to 150 mesh 
portion) while the same size fraction of ground, museurJ 
grade pyrite (massive crystals) had a surface area of only 
0.12 m2 g - 1. The rates of oxidation fo r the ··sulfur ball'" 
were a n order of magnitude higher under the same conditions 
(12 pmol s- 1 g- 1 and 300 pmol s - 1 g - 1 , respectively) . Pugh 
et al . (1981) fou n d similar disparities in surface area 
between crushed massive pyrite and microc r ystalline 
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''framboidal" pyrite from lignite. Surface areas of crushed 
massive pyrite were around 0 . 5 m2 g-1 while framboidal 
pyrite had a surface area between 2 and 4 m2 g- 1 . This 
resulted in a much higher rate of oxidation of framboidal 
pyrite in weathering studies (Pugh et al., 1984). Vlek and 
Lindsay (1978) showed that for py r ite to be a useful soil 
amendment for sadie soils it must be ve r y finely 
disintigrated to increase its reactive surface. 
The effect of pH and lime (which raises the pH) on 
pyrite is not clearly understood . While Singer and Stumm 
(Harva r d , 1970) wou l d predict and Smith and Shumate (1970) 
showed in the l aborato r y that pyrite does oxidize several 
times faster under alkaline conditions, some research 
indicates the opposite (Ainsworth and Blanchar, 1984, 
Carrucio et a l. , 1981, Macintyre et al., 1930). This is 
probably due to establ i shment of Thiobacillus ferrooxidans 
at low pH, although Bloomfield (1972) and Arkesteyn (1980) 
did not find this effect as dramatic as predicted by Sin g er 
and Stumm (1970) . 
In the presence of lime, oxidation rates are usually 
measured as a function of appearance of sulfate or acid 
production (Ainsworth and Blanchar, 1984, Carrucio et al . , 
1981, Arkesteyn, 1930, Bloomfield, 1972, Macintyre et al., 
193 0). Reduced sulfur forms are rarely measured. Nor and 
Tabatabai (1977) measured su l fur oxidation in incubated soil 
samples and found that disulfane disulfonate was produced 
and persistent at pH 6.0 and 5 . 4 over two months. 
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The addition of phosphate fertilizers to soils 
containing pyrite apparently supresses oxidation rates 
(Weir, 1975). This contrasts with the stimulatory effect of 
ph03~h~~~ an salfur oxidation, particularly in neutral soils 
in the presence of lime (Bloomfield, 1967). Quispel et al. 
(1952) showed t he oxida t ion rate of pyrite was less in 
phosphate buffers at pH 5.8 and 7.8 than phthalate and 
borate buffers at similar pH values. Apparently, iron(III) 
phosphate precipitated, removing it as an oxidant. 
Chemoautotrophic microbial catalysts require inorganic 
nutrients for the oxidation of sulfur . Hoffman et al. (1981) 
adjusted N/P ratios to achieve optimum microbially catalyzed 
leaching rates in a coal slurry with minimum inhibition by 
phosphate complexes and precipitates . Ammonium salts were a 
better nitrogen source than urea. 
Although excessive concentrations of metals found in 
acidic mine tailings may be toxic to plants, in spite of 
liming (Peterson and Nielson, 1973), they apparently do not 
affect microbial catalysis of pyrite oxidation (Bloomfield, 
197 2) . 
Moisture probably has a critical effect on pyrite 
oxidation in soils. Smith and Shumate (1970, 1971) found 
that as the ratio of pyrite to water was increased in their 
respirometers, the oxidation rate in the presence of 
microbial cata l ysts reached a plateau , while chemical 
oxidation rates contin ued to increase. At low water 
72 
contents, high salt concentrations probably inhibit 
microbial activity and chemical oxidation rates probably 
exceed biological rates. Kleinman and Crerar (1979) showed 
th at periodic flushing of oxidat i on products allows 
bacterial activity to continue to contribute to oxidation. 
They also found that the bacterial contribution to oxidation 
was negligible under stagnant, saturated conditions. 
Geidel ( 1980) found that the amount of acidity released 
by a coal sample was l argely independent of the frequency of 
flushing . At higher frequencies, acid concentration was 
lower, hence acid products must accumulate at a constant 
rate under drying conditions. This contrasts with the 
production of alkalinity from shale, which wa s proportional 
to th e frequency of flushing. The columns us ed in this 
experiment did not include a mixed shale-pyritic coal 
treatment. The presence of acid-producing material should 
ca use the shale to weather more rapidly, and the hi gher pH. 
should also affect the r ate of oxidation of the pyrite . 
The most important factor in oxidation of pyrite in 
soils appears to be aeration o r oxygen concentration. Smith 
and Shumate (1971) calculated that the diffusion rate of 
oxyge n through water was slow e nou gh to restrict the rat e of 
of oxidation of pyrite in flooded mines . This has been 
applied in reclamation of acid minesoils where by burying 
acid producing materials under a thin layer of soil it is 
hoped that acidification will be reduced and and 
revegetation occur (So r enson et al., 1980). 
Pyrite Oxidation and 
Soil Development 
Acid sulfate soils are formed generally in poorly 
drained or recently drained areas where pyrite has been 
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deposited under anaerobic conditions. Van Breemen (1982) has 
identified a sequence of development in which the nearly 
neutral (pH 6), unweathered pyritic material first oxidizes 
to form a highly aci dic (pH 3 -4) j aros ite-ri ch horizon . This 
is followed by further oxidation and leaching to form an 
iron(lll) oxide rich horizon which is less acid ic (pH 5-6). 
Oxidation rates are limited by the slow diffusion of u&yg~n 
into the soil. Overall soil development is slowed by tit e 
poor grow th of vegetation and low eva potranspirati o n. The 
jarositic horizon is well buff e red at pH 3-4 by the presence 
of the minerals jarosite and amorphous Fe(OH) 3 (Miller, 
198 0). 
Under well drained conditions , pyritic parent material 
can develop into neutra l soils. Singh e t a l. ( 1982) found 
that pyritic sandstone weathered to form slightly acidic (pH 
5) soils that were low in sulfate and high in exchangeable 
alumin um and oxidized iron. As the sands tone weathered, mica 
within it was apparently converted to vermiculite by the 
acid conditions. The we a th ered sandstone was fairly acidic 
in the top six meters, but low in total sulfur, which had 
already been leached to a deeper stratum. Below six meters, 
sulfur concentrations were higher but the ro ck was otherwise 
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relatively unweathered with a nearly neutral pH. 
The revegetation of pyritic mine spoils is severely 
limited by physical and chemical charac t eristics of spoils 
which distinguish them from acid sulfate soils. Draina3e 
tends to be relatively good due to the r ecent disturbance of 
the material. This makes them prone to drying, which harms 
plant establishment (Barnhisel et al., 1982) and might also 
allow greater ease of ent r y of oxygen and deeper oxidation. 
Because of the relatively unweathered nature of spoils, 
they are generally poor in mac r onutrients, particularly 
potassium and phosphorus (Peterso n and Nielson, 1973 , 
Barnhisel et al . , 1982). Liming has been observed to have an 
adverse effect on plant yields, in spite of concurrent 
ferti li zation. This is usually attributed to the presence of 
unusually high concentrations of metals which might further 
inhibit growth. This may also be a result of stabilization 
of more toxic reduced sulfur species thiosulfate ant sulfite 
as suggested by the data of Goldhaber (1980) in Figure 11 . 
Liming may also cause unusually high salt 
concentrations in spoils , particularly when magnesium 
contents are high in the liming material (Grove and 
Evangelou , 1982) . This can cause dispersion of soil colloids 
and dramatic reduction in hydraulic conductivities, further 
exacerbatirrg the problem of water availability (Evangelou et 
al. , 1982). 
Effect of Reduced Sulfur 
co;pollndS on Plant Growth 
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T h e effec t of reduced sulfur com ponds on plant growth 
has b~en studied exte nsively for atmosp heric pollutants 
(Taylor a nd Selvidge, 1984, Addison e t al., 1984), but the 
role of the soil atmosphere ap pears to be relatively 
unexplored. Sulfur dioxide, is known to be quite toxic t o 
plants, causing visible chlorosis and leaf burn. This gas 
dissolves in water to form sulfite in a manner s imil ar to 
the way carbo n dioxid e fo rms carbonate . Th e distribution of 
protonated sulfite species is shown in Figure 14. Above a pH 
of approx imat e ly 7 the fully dissociated sulfite anion 
is th e predominant species. This may be r e lat ed to the 
persistence of sulfite a~ higher pH sho wn by Goldhaber 
( 1980) . 
Addison et al . (1984) noted a predisposition of 
conifers grown on oil sands to more rapid decline in 
photosynthetic activity on fumigation with low levels of so 2 
(15.2 umol m- 3). Sodium and heavy metal toxicity were 
suggested as possible synergists . It may be that sulfite or 
other reduced sulfur compound from pyrite o r organic sources 
in the tailings might contribute to the problem . 
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Figure 14. The distribution of sulfite species in water as a 
function of pH . Assumed total sulfite activity of 
10 - ) M. 
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Summary 
The oxidation of pyrite involves a complex reaction . 
Ana l ysis of the components and phases of the r eaction shows 
that th e ir number i s not limited by the phase rul e . For each 
a dditional component , an additional reaction maintains the 
validity of the phase rule. While thermodynamics can 
describe the overall oxidation of pyrite, it cannot predict 
the existence of unknown components and reactions. This has 
made it possible for thermodynamic analysis of pyrite 
oxidation oxidation co ignore sulfur oxidation reactions 
while treating th e simple r iron oxidat ion r eaction quite 
thoroughly . 
Th e interdependence of redox potential (pe) and pH is 
related to the constraints of the phase rule and the 
standard state defined for pe . The combined term pe+pH can 
be used to separate the water redox reactlon from the redox 
reaction of the component of interest in the aqueous phase. 
The kinetics of pyrite oxidation can be tre a ted as an 
overall reaction, or the reaction may be divided into its 
parts . The ove r a ll reaction o r der is related to experimental 
conditions, but depends on oxygen pressure, surface area and 
the concentration of other oxidants such as Fe3+. At low pH 
(4 - 5) the reaction rate depends on the rate at which Fe 2 ~ 
can be reoxidized to Fe 3+. At high pH (6 -~) the rate is 
dependent on the rate at which oxygen can be reduc~d at the 
pyrite surface . 
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In order f o r a mechanisti c description of any reacti on 
to be make, a ll reactants and products must be known. This 
inte r es t in mechanism distin g ui shes the kinetic a n alysis of 
a reaction f r om th e th e rmod y namic a n alysis . Accordingly , it 
is necessary t o sulfur oxidation reactions in a ddition to 
iron oxidation in order to allow a com plete description of 
pyrite oxidation. This would acco unt for th e inability of 
elect rochemical a n alys is based in th e rm ody namic theory t o 
satisfactorily describe r eactio ns at th e pyrite elect r o d e. 
Oxidation of pyritic s ulfur in volves a loss of seven 
electrons per atom compared with a one e le c tron loss for 
iron . Accordingly, th e r e a r e ma n y intermediat e steps in th e 
s ulfur oxidation r eac tion. The components in c lude the 
sulfanes , ''e lemental '' sulf ur , thiosulfate, th e sulfane 
disulfonates and sulfite. The distribution of th ese products 
is pH dependent, with longer sulfane disulfonates and 
''elemental '' sulfu r predominant at lower pH and thiosulfate 
an d sulfite at higher pH. This produc t distributi on can be 
pred i cted by the n u cleo phili c displ ace ment reaction, which 
produces longer or shorter s ulfane disulfonates , and the 
alkaline d ecompos iti o n of thi osulfate , which prod u ces 
s ul fi t e . The inte r conve rsi on of thios ulf a t e and sulfane 
dis ulf onate is also an important r eac tion . Th ermodynamic 
da t a is limited, but ca n be u sed to describe th i s system . 
While microbio logical pro cesses a re known to mediate t o 
py rit e oxidation r eact i on , the acidoph ili c natur e of the 
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organisms involved limit their influence at ne ut ral to high 
pH . Oth e r organisms may be important in sulfur oxidatio n 
under these con ditions. 
The int e ractions of r educed sulf ur (non - s ulf ate) 
com p o unds wi th eac h o th er a nd other soil components s u c h as 
meta l o xides o r lime may be us ef u l in the stud y of soil 
development and r eclamation . Red uce d sulfur componds may b e 
implicated in the redu ct i on and transport of toxic metals . 
These sulf ur com pounds may be toxic th em s elves . Liming as a 
managemen t prac ti ce may exace rb a t e a ny pr o bl ems with sulfur 
by sta bilizing sulf it e and thiosulf a te. 
Characterization of the 
Minerals Used 
METHODS 
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The pyrite used for this study was a ground, relativ e ly 
pure mineral ob t ained from Kennecot Mining Corporation, Salt 
Lake City, Utah . Its density was measured by the 
displacement of water . Mineral purity was measured by 
fractionation : rinsin g with concentrated HF to r emove 
silicate minerals follow e d by digestion a t 95°C in 
concentrated HN03 (Begheijin et al., 1978). Analysis of 
total iron and other metals was by standard atomic 
absorption methods . 
The pyrite was prep a red for the wea therin g ex perime nt s 
by washing with concentrated HF to r e move iron oxides, 
silicate minerals and salt con t a min a nts . This was followed 
by an e than ol rins e a nd dryin g at r oo m t em per ature in a 
vac uum dessicator at app r oximately 1.3 Pa (10 um Hg). The 
sample was sieved and the l ess th a n 250 um (60 mes h) 
material us ed in experiments. A size analysis was perfo r med 
and an estimate of surface area for each size fraction 
ca lcul a t e d geome trica lly, bas ed o n cubic forms. 
Th e t o tal surf ace a rea of untr ea ted pyrit e in the l ess 
than 250 urn sieved fraction was deter~ined u s in g th e 
standard e thylene glycol method (Bower and Gschwend, 1952). 
Samples of approximately 1 g placed in tared alum i n um 
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moisture cans were dried in the presence of anhydrous PzOs 
in a vacuum dessicator at about 1 . 3 Pa. After a constant 
weight was attained (24 hours), reagent grade ethylene 
glycol was added dropwise until the entire sample was 
wetted. The samples were evacuated and dried over anhydrous , 
ethylene glycol - free CaCl 2 until the weight of the standard 
surface area sample (Jury silty clay loam, 104 m2 g -1) 
was within 5 % of the calculated area. The weight of ethylen e 
glycol was assumed to be 0.31 mg m- 2 . The surface area of 
precipitated calcium carbonate (Purecal 0 , lot P604E) was 
also measured. 
Batch Experiments I: 
Long Term Studies 
The first set of experiments was conducted over a 
period of approximately 200 days to evaluate the feasibility 
of the method for determination of relative reaction rates 
and product distribution. The effect of calcium c a rbonate 
and bentonite a s c atalysts for pyrite oxidation wa s also 
studied . 
Polyethylene 500 ml bottles containing 250 ml of 
distilled water and various pyrite treatments were kept at 
25 + 1 °C in a water bath . The pyrite was prepar e d by 
washing with con c entrated HF, rinsing with distilled wat e r 
and drying in a v acuum . The less than 250 urn siz e fraction 
was used. The calcium carbonate used was Purecal 0 (lot 
P6D4E). The Wyoming bentonite (Baroid) used was Ca - saturated 
by washing with a solution of CaClz.2H 2 o followed by washing 
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with distilled water and then vacuum dried. 
Th e treatments used in the long-term studies are 
summa riz ed in Table 1. Th e experiments were started on the 
addition of pyrite to t he pre - conditioned mixtures of 
bentonite and/o r calci um carbonate. 
Table 1. Experimental tre atments used in l ongterm studies . 
g per kg distilled wate r 
Code Pyrite Caco 3 Ca-Bentonite 
10 0 0 
8 100 0 0 
9 10 0 10 
10 10 0 5 
11 10 20 0 
15 10 20 10 
The pH, pe and EC of the solutions were monito r ed daily 
for three weeks, then at irr eg ular intervals. The pH was 
measured with a glass elec tr o d e which was standardized 
daily. The pe was monitored with a pair of platinum 
electrodes connecte d in parallel against an Orion do ub le 
junction Ag/AgCl reference electrode . The platinum 
electrodes were cons tructed and standardized with an 
iron(II)/ir o n(lll) cyanide solution as described by 
Ponnamperuma (1972) . An Orion Digital Ionanalyzer Model SOLA 
with Model 605 electrode switch was used for the pH and pe 
(mV) measurements. 
83 
At the end of the experiment the solutions were 
filtered and analyzed for calcium, alum i num a nd tot al iron 
by a tomic a bs o rption using a Varian AA- 3 7 5 
Spec trophotom ete r. Reduced solution iron (Fe 2+) was measured 
with o-phenanthroline usin g the me thod of Tamura e t a l. 
(1974). A 3.0 M ammonium acetate solution was substituted 
for the hexamethyenetetramine buffer as sug ges t ed . This 
me thod was chose n because it was designed to give acc ur ate 
results in the presence of high concen tr atio n s of oxidized 
iron (Fe 3+) . Sulfate was measured by BaC1 2 titr ation 
(Rasnick and Nakayama, 1973). 
The r es idual solid phase materials were analyzed for 
the exten t of oxida tion of iron. Th e alka lin e sodi um cit r ate 
ext r ac tion method of Jackson (1956) was used to determine 
oxi dized iron. Tot a l iron was determined from an HN0 3 
digest. The exte nt of oxidation was determined algebraically 
as described in Appendix A. 
Controlled ~ Experiments 
These experimen t s we r e conducted in aera t ed , stir r ed 
b at ch reactors in which the pH of the 1% b y wei ght pyrite -
so luti o n slu rr y was maintained constant for a period of 
thre e to five days. Th e pH was contro lled by an au t omat i c 
tit r a tion unit co n s i st in g of a glass e l ect r ode , meter and 
relay connected to a Masterflex peristaltic pump conf i gured 
t o deliver 0 .5 ml per minute. Sodium hydroxide was used t o 
a djust the pH of the slurry. A c on sta nt ionic strength of 10 
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mol m-J as NaClo 4 was used in all experiments. The batch 
size was increased to L and aliquo t s were rem oved 
periodically to monitor solution iron and sulfur 
conce ntrations. 
Sulfate was determined b y the me thod of Rasnick an d 
Nakayama (1 973) . Thiosulfat e and sulf a ne disulfonat e 
( t e trathi o nate) wer e measured promptly b y the method of Nor 
and Tabatabai (1 977) . Total iron, Fe2+ and pH were also 
monitored . 
The pyrite was retained a t the end of the experiment 
for a nalysis of extent of oxida tion in terms of iron 
(Ap p e ndi x A). 
Ba tch Experiments II : 
comprehensive StudieS 
A second se rie s of experiments was co ndu cted using the 
batch method desc ribed for long term studies. These 
experimen t s were of a shorter duration , designed to 
elucidate the kinetics and mech anis m of chemical oxidation 
of pyrite. Reaction kinetics we re studied relative to the 
surface a r ea of th e min eral and the o rder of the reaction in 
terms of iron ox idation products . Th e influence of ionic 
strength , specific ine rt salts and salts of reduc ed s u lfur 
compounds was studied in an effort to characterize the 
reactant species . 
Polyethylene 500 ml bottles contai nin g 250 ml of inert 
sa lt solutions of vario u s ionic streng ths and py ri te were 
kep t at 25 + °C in a water bath. The pyrite mineral was 
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washed with HF as described before. In all but the variable 
surface area experiments, 2.5 g of pyrite were used per 250 
ml of solution. Disulfane disulfonate (tetrathionate) was 
prepared from a reagent grade sodium thiosulfate solution by 
oxidation with iodine followed by repeated precipitation in 
ethanol and washing with KCl and HCl. All other salts used 
were of reagent grade or better. The calcium carbonate used 
was Pu r ecal 0 (Lot P6D4E) . For the salt effect experiments, 
five ionic strengths each of NaCl04, NaHC03, NaC l , NazS04 
and K2 so 4 were used. Replicates were run under similar 
conditions. 
The pH, pe and EC of the solutions were measured as 
previously described daily or every two days until the end 
of each experiment, which lasted from one to three weeks. 
The platinum electrode was standardized using a saturated 
hydroquinone suspension at pH 4 described by Ponnamperuma 
(1972) . Details of the preparation and use of this standard 
are found in Appendix B. 
At the end of the experiments the solutions were 
filtered and analyzed for calcium, total iron, Fe 2+, 
thiosulfate, and disulfane disulfonate by the methods 
previously described. Sulfate was measured indirectly by a 
BaS04 precipitation method involving BaClo 4 (Nemeth, 1963) . 
Results were corrected for thiosulfate and disulfane 
disulfonate interferences. This method is described in 
detail in Appendix C. Sulfite was measured by the method of 
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\lest and Gaeke ( 1956). 
Residual solid phase materials were analyzed to 
determine the extent of oxidation of iron as described in 
Appendix A. To determine the order of the iron oxidation 
reaction, a series of experiments were conducted in which 
pyrite was allowed to ox i dize fo r varying lengths of t ime up 
to ten days . Analysis of the solid phase then followed. 
Pyrite Electrodes 
Several pyrite electrodes we r e constructed for the 
purpose of determining the potential of the pyrite surface 
when allowed to equilibrate with various experimental 
solutions. Tharsis (Spanish) pyrite was crushed into 
angular, approximately 1 em pieces , mounted on the end of l 
em diameter glass tubes with silicone cement and sealed with 
heat shrink tape. Contact with a copper wire was made using 
a drop of mercury in the glass tube. Each electrode was 
mounted with a platinum electrode as a reference. HF was 
used to clean the pyrite surface for each experiment. 
Measurements of potential were made using an Orion 
double junction reference electrode . They were corrected 
relative to the hydrogen electrode using the platinum 
electrode as a reference, based on the behavior of the 
platinum electrode in a saturated quinhydrone standard 
(Appendix B). 
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Column Study 
A final ex perim e nt was cond ucted to deQonstr ate the 
inf luence of calcium carbonate on pyrite weath e rin g 
products . The pyrite was not pretreated for this experiment 
to remove iron oxides and soluble salts, otherwise material s 
were the same as previous experiments . Acid-washed Ottowa 
sand was use d to separate pyrite lay e rs from CaC03 layers. 
Thr ee 20 mm diameter chromatography columns were filled 
with pyrite and calcium ca rbon a te in different 
configurations simulating different r ec lam a tion or buri al 
t ech niques. Column l contained 40 g of calcium carbonate 
ove r 1 a in by 2 0 g of sand, which was in turn overlain by 8 0 g 
of pyrite. The pac king density of the wet CaC03 was 
estimated at 1.10 Mg m-3 and the pyrite a t 3 . 31 ~lg m- 3 . 
Column 2 contained the same materi a ls in revers e o rd e r, with 
py rit e o n th e bottom of th e co lumn (closest t o the o utfl ow) . 
The packing density of th e Caco 3 was 1.14 Mg m-
3 a nd o f 
the pyrite, 3 . 07 Mg m- 3 . Column J con t ained the same 
quantities of materials, but the Caco 3 a nd pyrit e were 
thoroughly mixed befor e filling the column. The sand was 
placed at the bottom of the column. The packing density of 
th e mixture was 1.51 Mg -3 m • 
Th e ionic strength of the wat er flowing through the 
col umns was kept a t a co n s t a nt he ad and flow was co ntr olled 
to some extent with a va riable speed, multiple channel 
Mas t erflex pump attached to the outlets of t he thr ee 
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columns . Flow ra tes averaged about 6.7 X 10-10 mJ s - 1 (2 . 5 
m1 h - 1), The flux was Z.1 X 10 - 10 m s -1 (7.6 em h-1) . Column 
effluent was collected in three automatic samplers in the 
consta nt-v ol um e mode. Samples wer~ analyze d daily for pH, 
sulfate, disulfane disulfon a te, thiosulfate, iron , copper 
and calcium . The experiment was continued for approximately 
one month. 
RESULTS AND DISCUSSION 
Characterization of the 
Minerals Used 
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The density of pyrite is 5 . 0 Mg m-3 (Weast, 1980) . The 
measured density of the untreated pyrite sample was 4.76 Mg 
m- 3 , approximately 95% of the pure mineral. After washing 
with concentrated HF, the measured density was 5.0 Mg m-3. 
This confirms the identity of the mineral as pyrite as 
opposed to marcasite, which would have a density of around 
4 . 8 Mg m-3 (Weast, 1980). 
Chemical analysis by sequential fractionation of the 
untreated sample is shown in Table 2 . The gram-molecular 
weight of FeS 2 is 119.98 g mol-l (Weast , 1980), hence, the 
analysis of a pure sam pl e should yield 8 . 3347 mmol(Fe) g - 1 . 
On this basis, the study mineral was 85.3% pyrite. Extensive 
a nalysis of a sample of washed pyrite is shown in Table 3. 
This sample was 115 % pyrite if based on the mole weight of 
iron . Titanium was shown to be a major contaminant, 
approximately 1% on a molar basi s. Copper is a seconda ry 
contaminant , however, its catalytic effect could be out 
of proportion to its absolute concentration . 
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Tab l e 2 . Se l ec tive dissolution of sta nd ard pyrite. 
HF So lubl e HN03 Sol ubl e 
mg g -1 umo 1 g -1 mg g-1 umol g - 1 
Fe 0.48 5 8 . 68 397 7108 
Zn 0.105 1 . 61 0 . 0485 0.742 
Cu 0 . 0183 0 . 288 0 . 0455 0 . 716 
Table 3. Analysis of HF washed pyrite. 
mm ol g -1 mo l mol(Fe)-1 
Fe 9 .55 + . 113 * 
Cu 0 . 034 3 + .00128 0 .00 359 
Mn 0 . 000836 + .0000403 0.00008 7 5 
Zn 0.000753 + .0 00282 0 . 0000788 
Ti 0 . 118 + . 010 5 0 . 0124 
* Confidence limits at th e 0 . OS leve l. 
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The results of the size analys is given in Table 4 show 
that the dominant size fraction is in the 106 to 50 urn 
range. Assuming the ideal density of 5.0 Mg m-3 and cubic 
geometry, an approxi mate area for each size fraction was 
calculated . By summing each size fraction an estimate for 
the totalsurface area of 0.015 to 0.022 m2 g- 1 is obtained. 
This is probably a low estimate since the smallest size 
fraction, less than 50 um, is underestimated. Smith and 
Shumate (1970) measured a surface area of museum grade 
pyrite (massive) ground to less than 150 um (100 mesh), as 
0.70 m2 g-l by nitrogen absorption. Their material is 
considered similar to the pyrite used in this experiment . 
Table 4. Particle size analysis for pyrite standard . 
Size Fraction: 
(urn) 
250-1 06 
106-50 
50 -
Total 
% 
8.67 0 . 000416 - 0.00098 
57 . 1 0.00645 - 0 . 0137 
34.2 0.00821-
10 0 0.0151-0.0229 
Measurement of surface area by ethylene glycol 
adsorption resulted in fairly large variability due to the 
low surface. The untreated sample had a specific surface 
area of 3.49 + 2.53 m2 g- 1 , t he HF rinsed sample, 1.53 + 
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0 . 971 m2 g - 1 (95% confidence intervals) . In comparison a 
sample which had weathered for several months in a dilute 
acidic solution (pH approximately 3.5) exhibited a surface 
area of 0 . 928 + 1.86 m2 g-1. Based on these measuremen ts th e 
surface area selected for the washed pyrite used in the 
expe rim ents was 1 . 5 m2 g-1. This estimate is 100 times 
larger than the area estimated by size fraction . It is 
speculated that micromorphological examina tion would 
probably show a flaked r a th e r than c ubi c form for the pyrit e 
sample, the result of cr ushin g the ore before processing and 
separation of the pyrite . However, the morphology of t he 
pyrit e is of no conseq uence to the objectives of this 
expe riment; the tot a l surface a re a is the imp o rt an t 
va riable. 
The su rface area of the calcium carbonate used wa s 6 . 87 
~ Term Oxidation ~ Pyrite 
The EC of the solution with 1 % pyrite (15 m2 L- 1 ) 
increased linearly with time as shown in Figure 15 . The 
increase in EC is directly proportional to th e ionic 
stre n gth of the solution . Since distilled water or a 
solution at equilibri um with Caco 3 and/o r bentonite was used 
as th e starting condition any increase in EC is directly 
p r oportional to the amou nt of acid produced by pyrite 
oxidation and its subsequent effect on the other minerals 
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Fig ur e 15. Effect of calcium ca rbon ate on pyrite oxidation 
kinetics measured as conduc tivity. 
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present . The appearance of products in solution is, 
therefore, a linear function of time, which indicates 
oxidation followed zero - order kinetics . This is a 
consequence of the constant oxygen pressure and relatively 
constant surface area of the pyrite as predicted by McKay 
and Halpern (1958). Similar results were found for all 
t r e a t me n t s • 
The use of 25 g of pyri t e (150 m2 L- 1) was expected to 
increase the oxidation rate up to 10 times . As shown in 
Figure 16 , the rate was only approximately doubled. Calcium 
carbonate has l ong b een believed to reduce oxidation rates 
(Macintyre et al. , 1930, Ainsworth and Blanchar, 1984). This 
is also apparently confirmed by the EC data of this 
experiment as shown in the lower curve of Figure 15 . The 
slopes of the EC curves with time (rates) are reported in 
Table 5. From these data (code 9, 10, 15) bentonite appears 
to be a catalyst of pyrite oxidation. Lowson (1982) lists 
bentonite as having a significant effect on pyrite oxidation 
rates. 
The pH and pe were found to vary inversely during the 
course of the experiment as shown in Figures 17 through 19 . 
This is as expected for an oxidation reaction involving a 
solid phase . Similar data are found in the literature 
(Ponnamperuma et al., 1966, Huber and Garrels, 1953) . The 
sum of pe and pH was nearly constant for the first 60 days 
of this experiment, then increased slightly. In the presence 
Table 5. Rates of oxidation of pyrite i n long term 
experiments (5040 h) . 
Code a I onic Oxidation Ratesb 
St r ength 
sot-Fe H+ EC(~~) 
(mol m-3) pmol pmol pmol dS m 
18 .4 7.2 24.6 0.00127 8 0 01 
8 48.6 3 0 8 50 2 0 . 00212 32 0 8 
26 0 6 9 0 6 25 .1 0.00359 49 .s 
10 26 0 2 13 0 6 25 . 8 0 . 00669 12 9 0 5 
11 3 3 0 2 6 0 5 28 0 3 o.o 50 34 
15 34 . 9 8 0 9 3 7 0 7 o.o 4.93 
8 See Table 1 for explanation of c ode . 
bRat es expressed on a m- 2 s -1 basis. 
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Figure 16 . Effect of increased surface area on the rate of 
pyrite oxidation measured as solution 
conduc tivity. 
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Figure 17 . Long term pyrite oxidation : pH and redox changes 
with t i me. 
pe 
or 
pH 
0 
CJ~ o---pe • pH CJ ' 
pe~O' 
e~~--a.­
pH 
98 
Figure 18. Long term pyrite oxidation i n the presence of 
calcium carbonate : pH and redox changes with 
time. 
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Figure 19. Pyrite oxidation in the presence of calcium 
saturated bentonite: changes in pH a nd r edox . 
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of caco 3 , pH was higher and pe proportionally lower (Figure 
18) . 
The most dramatic effects of oxidation on pe+pH were 
observed in the presence of 1.25 g Ca-bentonite (code 9). 
Exchangeable calcium appeared to buffer pH for nearly 10 
days, when the pH dropped precipitously and pe rose (Figure 
19) . The pe+pH of the system dropped slightly. This might be 
indicative of a shift in the solid - solution ph ase 
eq uilibrium . 
The initial (first day) pH and the final pe, pH and 
pe+pH of the experiments are listed in Table 6. The initial 
high pH of the Ca-bentonite-containing suspensions (code 9, 
10, 15) reflects the exchangeable-Ca e ffects on pH. It is 
also evident that the Caco 3-containing suspensions had not 
ye t re ac hed equilibrium pH (8.2-8.4) . By the end of the 
ex perim e nt the pH of the Caco 3-containing slurries had 
dropped to n ear 7 . 0, while the buffering capaci t y of th e 
bentonite suspensions had long been excee ded. The pH of the 
latter was close to that of the 1 % pyrite suspension with no 
amend ments. 
Solution data r ef l ect the exte nt of oxidation of the 
pyrite as well as th e pH of the solution whi ch was sampled. 
The dissolution of calcium carbonate a nd Ca - bent onite 
con tributed the calci um and al uminum measured (Table 7) . 
Comparison of the total iron and Fe2+ shows that a large 
Table 6 . Redox data for long term pyrite oxidation 
experiment . 
Code a Initial Final 
pH Eh pe pH pe+pll 
(mV) 
4. 65 423 12.5 2. 46 14.9 
8 3. 58 413 . 5 12.3 2. 22 14 . 5 
9 8 . 32 432 12 . 6 3 . 01 15 . 6 
10 8 . 13 416 12 . 3 2 . 74 15 • 1 
11 8.90 224 9 . 10 7 . 16 16.3 
15 8.94 240 9.38 7. 26 16 .6 
8 See Table l for explanation of code. 
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proportion of the solution iron is Fe3+. The t otal iron 
conce ntrati on in solution did not correspond to the amount 
of sulfat e formed. This is due to th e repr ec ipitation of 
iron as ox id es or other insolubl e com pounds such as th e 
Table 7. Solution composition after 5040 h pyrit e 
oxidation . 
================= ======= ============ ======================= 
Co de a Concentrations (mol m-3) 
ca2+ AlJ+ Fer Fe 2 + Fe 3+ sot -
0 .08 02 0 . 0158 1. 69 1 0 14 5 0 . 545 6 0 7 2 
8 0 . 08 91 0 .0 3 19 8 0 1 6 0 6 69 1.431 14 0 3 
4.47 0.4 08 0.699 0 . 396 0 . 303 6 0 8 4 
10 2 0 54 0 0 489 1 0 9 9 1. 61 J \) 0 377 7 0 0 2 
11 8 0 9 0 0 0.0243 0 7 0 7 
15 7 0 19 0 0 0.00657 0 10 0 3 
asee Ta ble 1 for explanatio n of code . 
The Fe 2 + data, pe a nd pH can be us ed t o provide 
circ umst ant i al evidence of the pr es~nce of spec i f i c solid 
phases . Thermodynamic data for Fe(O H) 3 , Fe 3(oH) 8 , FeOOH and 
Fe 2o 3 obt a in ed from Lindsay (1979) and d a ta for hydronium 
jarosite obtained from Bladh (1982) were used t o predict pe 
and Fe 2+ concentrations based on the measured pH, Fe 2+ and 
10 3 
pe . Corrections were made for ionic strength . 
The data collected are in reasonable agreement with 
both amorphous iron hydroxide (Fe(OH) 3 ) and jarosite 
thermodynamic data. As shown in Table 8 this agreement is 
Table 8. Thermodynamic phase analysis of long term pyrite 
oxidation experiment . 
Measured Calcul ated 
Hydronium 
Fe(OH) 3 jarosite 
pe pH FeZ+ pe pe FeZ+ 
(mol m-3) (mol m- 3) 
12 . 5 2. 46 l. 15 12.9 12.6 0 . 822 
8 12.3 2. 2 2 6 . 67 12 . 8 12 .o l . 2 5 
9 12.6 3 . 0 l 0.396 ll • 7 12 . 2 0.0985 
10 12 . 3 2 . 7 4 l . 61 11.9 12.0 0. 273 
ll 9 .10 7 . 16 0 . 0243 0.434 6.42 o .o 
15 9.38 7. 26 0 . 00657 0. 70 2 b. 7 4 o.o 
3 See Table l for explanation of code . 
best at higher acidit i es . Miller (1980) suggested the 
interconversion of iron(III) hydroxide and jarosit e to be an 
important buffering mechanism for the pH of acid minespoils. 
At the higher pH, agreement between observed and calculated 
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pe wa s poor. This is probably due to the extremely low 
solubility of the redox-active species, iron, at pH 7. At 
this pH, the platinum electrode responds to the hydrogen ion 
(pH) rather than to solution iron. This phenom e non is 
described by Whitfield (1974) . 
Since the kinetics of pyrite oxidat i on a r e zero order , 
th e extent of oxidation reflected in solution concentrations 
and solid phase analysis can be used as a measure of the 
rate of oxidation simply by considering pyrite surface area 
and time. The rates of oxidation of iron and sulfate sulfur 
a re represented in picomoles per meter squared per second 
(pmol m-2 s - l) in Table 5 . Corrections were made for 
solution iron in the solid phase analysis . 
In terms of iron the rates (extent) of oxidation in the 
presence of Ca-bentonite and calcium ca rbon ate appear to be 
quite similar . They are also measura bly higher than the 
rates in the a bsence of these amendmen ts . This is in 
contradiction to the previous conclusions based on EC alo ne. 
Thus, ~onsidera tion of th e solid phase appears essential in 
e valuation of pyrite oxidation rates. 
The agreemen t between the rates estimated by iron(lll) 
and sulfate is poor in this set of expe rim en ts. Two moles of 
sulfate should be present for each mole of iron. The 
concentrations of reduced sulfur compounds wer~ not measured 
in this experiment . 
Oxidation of Pyrite at 
Constant £.!!_ and Ionic 
Strength 
As with the long term b atch studies of pyrite 
lOS 
oxidation , the short term oxidation of pyrite also appeared 
to follow a pat t ern of zero order kinetics. This is 
demonstrated in Figure 20 , which shows that at pH 6 , 
sulfate, sulfane disulfonate and thiosulfate concentrations 
increase linearly with time. The importance of sulfane 
disulfonate and thiosulfat e as relatively inert products 
of pyrite oxidation is also apparen t from thi s figure . On a 
molar basis, the concentratio n s of reduced sulfur species 
appear small, but on the basi.s of moles of sulfur p~r 
molecule, the reduced sulfur species account for an amo unt 
at least equivalent to the fully oxidized sulfate. 
The results of the controlled pH experiments are 
summa riz ed in Table 9. Oxidation rates are expressed on a 
surface area basis and are calculated as the slop~ of the 
linear plot of the mmol m-2 of product versus time (s). Iron 
oxidation was estimated in the manner described from an 
analysis of the pyrite at the end of the experiment. 
Stoichiometric agreement is not ideal: sulfur is present in 
molar quantities slightly greate r than twice the amount of 
iron . The t r end to higher rates of oxidatio n at higher 
pH is eviden t. 
l O 6 
1.4 PYRITE OXIDATION • 
pH 6 .0 so2-1.2 4 
d [FeS2] • 1.0 =k dt 
0.8 
mmoles 
0.6 
0.4 
0.2 
00 20 40 60 
TIME (hours) 
Fi g u re 2 0 . S ul f ur p r o du c t s of py r i t e o xidati o n a t pH 6 . 
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Tab le 9. Oxidation of pyrite at controlled pH . 
Rates: emol m-2 s-1 
pH Time 
(h) Fe so~ - s 4 o~ - s 2 o~ - H+ 
5 . 04 72 10 10.4 M M 33 . 5 
6 . 03 7 3 . 5 14 29.4 M M 109 
6.97 48 16 32 M N ~I 
7. 93 74 ll3 105 2 2 . 6 1 . 58 495 
8 . 16 96 30 6 2. l 3. 6 5 7. 38 226 
M denotes data not col l ected. 
Thermodynamic calculations fail ed to identify solu tion 
equilibrium with known solid phases. It is likely that th ese 
exper iments were too short for substantial amounts of solid 
phase products to form and solid-solution quasi - eq uilibrium 
to be obtained . 
The Effect of Surface Area on 
PyriteOXidat"ion Rates 
As predicted by the eq u at ion of McKay and Halpern 
(1958), the rate of pyrite oxidation increases linearly with 
surface area. Thus, the rate co nst an t is the slope of the 
pr od uct vs . time c urv e . Table 10 shows th e experimental 
conditions and r a t es of oxidation found as iron and as 
sulfate. The same data are plotted in Figure 21. The non-
linearity in the sulfate data can be explained as an effect 
108 
200r---------------------------------, 
Rate 
PYRITE OXIDATION 
SURFACE AREA 
EFFECT 
• 
/ 
/ 
/ 
/ 
• 
/ 
/ 
/ 
/ 
/ 
~ / ._/ /~· 
k=43 / / 
/ 
/ 
/ 
/ 
/ 
• as Sulfate 
• as Iron 
..... 
. ..... 
..... 
/ 
• 
• 
.............. 
0~--------------~----------------~ 
0 2 
SURFACE AREA (m 2 } 
Figure 21. Effect of s ur face area on pyrite oxidation r ate 
measured as production of sulfate and iron(III). 
4 
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of pH on the distribution of sulfur oxidation products. The 
rate of oxidation expressed as iron is 32 pmol m-2 s-1 for a 
pH range between 3.4 and 3.6. Expressed as sulfate the rate 
is 43 pmol m- 2 s- 1 . If the pyrite disulfide was oxidizing 
stoichiometrically to sulfate, a rate of 64 pmol m-2 s-l 
would be expected. 
Table 10 . Effect of surface area on pyrite oxidation rate a t 
constant ionic strength (I= 10 mol m-3) . 
=========================================================== 
Pyrite Surface pH Time sol- Fe 
Slurry % Area 
w/w m2 h pmol s-1 pmol s-l 
0.01 0.04 4. 7 3 308 27 M 
0.02 0.08 4 .40 308 0 M 
0.05 0. 19 4. 21 263 4. 5 M 
0. 10 0.38 4 .02 262 8 .6 M 
0 .10 0 . 38 3. 90 308 31 M 
0.20 0.75 3. 6 2 308 80 18 
0.50 1. 88 3 . 4 7 26 2 120 7 1 
1.00 3. 7 5 3. so 262 150 68 
1. 00 3. 7 5 3. 3 5 307 180 65 
H inSuffici e nt s a mple 
Reaction Order for Pyrite 
Oxidation~e55ed __ a_s __ __ 
Iron Oxidation Products 
Pyrite wa s allowed to oxidiz e in 10 mol(N a Cl0 4 ) m-3 
solution which had a pH of about 3 . 5 during the course of 
the experiment. As can be seen in Table ll, a lar g e portion 
of the iron oxidized remained in solution in the reduced 
form. This is a result of the reduction of solution Fe3+ by 
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pyrite. All ir on in solution is consi dered t o be produced by 
pyrite oxidation, not dissolution. The oxidation data of 
Table 11 are plotted in Fi gu r e 22 which clea rl y shows that 
the r eactio n is zero o r der with a r a t e of 27 pmol m-2 s - 1. 
This compa r es . ve r y favorably with the r a te ca l culated for 
this pH by v aryin g surface area: 32 pmol m-2 s -1. 
In a second phase of this study , 0 . 625 g of CaC03 was 
Table 11. Kinetic data for pyr it e oxidat i on at pH 3.5 
expresse d as iron oxid i zed. 
Time 
h 
0. 0 
1 • 0 
2. 0 
3. 5 
8 . 0 
2 2. 0 
33 . 0 
46 . o 
6 6 • 5 
125.0 
14 7 • 0 
16 6 . 0 
16 6 . 0 
16 6 . 0 
166 • 0 
16 6 . 0 
16 6 . 0 
Cone . Iron oxidized on an areal bas i s ________ _ 
Iron in 
Sol ' n. Oxide Sol ' n + 
Oxide 
mmol m- 3 mmol m-2 mmo l m- 2 
1 8 .4 
2 7 . 0 
38.2 
36 .o 
53 .7 
7 1 . 8 
7 6 . 6 
99 .1 
12 9. 5 
205 .4 
228 . 4 
240.7 
23 3 • 7 
241.2 
248. 1 
2 55 . 1 
250 . 8 
8. 4 
9 .2 
10.5 
10.2 
9. 8 
11 . 0 
8 . 7 
11 .4 
l 0 • 7 
13 . 4 
ll. 2 
13.8 
12 • 3 
1 2 • 7 
12 . 4 
16.5 
14.9 
9. 6 
11 . 0 
13 . 1 
12.6 
13 . 3 
1 5.8 
13.8 
18 . 0 
19.3 
2 7 • 1 
26 . 5 
29 . 8 
2 7 • 8 
28 . 8 
28.9 
3 3. 5 
31 . 6 
Oxide + 
Pyri tic 
mol m- 2 
6 .0 8 
6.00 
6 . 11 
6 • 21 
6 • 15 
6 . 18 
6.28 
6 . 19 
6 . 2 5 
5. 93 
6 • 14 
6 . 04 
6 . 70 
6 . 06 
6 .08 
6 • 15 
6 . 02 
Iron 
Oxidizeda 
mmol m-z 
8 . 8 
10.2 
11 • 9 
11 • 2 
12 • 0 
14 . 2 
12 . 2 
16 • 2 
1 7 • 2 
2 5. 4 
24 . 0 
2 7 • 4 
23 . 1 
2 6 . 4 
26 . 4 
30 . 2 
2 9 • 2 
~tails of this calc ul a ti on a r e explained in Appendix A . 
ll l 
120~----------~-----------.----------~ 
60 
3 
TIME ( s X 10-2l 
6 
Fi g ur e 22. Pyrite oxidatio n kin e tics a t :J'H 3.5 . Backg r o und 
e l ec trolyt e 10 mol(N aC l0 4 ) ~ - • Zero orde r r ate 
cons tant 27 pmol(Fe) m- 2 s - 1 . 
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added to the 10 mol (NaCl0 4 ) m- 3 and a llowed t o r each an 
equilib riu m pH of a pproxi mately 8.2 . Very little of the 
Caco 3 was expecte d to di ssolve so th a t a bout 16m
2 L - 1 would 
be left to buffer pH. The a mo unt of oxidized ir o n in 
solution was b e low the limit of d e tection of th e AA (1 m mol 
m-3) and as is seen in Tabl e 12, th e oxidized i r on was in 
the solid phase. Figure 23 s ho ws the reaction t o be zero 
o rd er with a r a te of 45 p mol m- 2 s-1 . 
Table 12. Ki neti c data f o r p y rit e oxidation at 
pH !!.2 expressed as i r on oxidized. 
Time Iron oxidized on an a r ea l basis 
Oxide Oxide + Iron 
m-2 
Pyriti c Oxidiz=~a 
h mmol mol m- 2 mmol m 
o . o 16 5.35 1 7 . 0 
1 . 0 l3 4. 91 15 . 2 
2 . 0 13 5 .1 4 14.2 
4 . 0 15 4 . 86 1 7 . 1 
6 . o 17 5 . 08 18 . 6 
8 .o 17 4 . 55 20.4 
12 • 5 18 4 . 9 7 20 . 3 
25 . 0 17 4. 94 19 . 0 
31 . 0 18 5.15 1 9 • 3 
49 . 0 20 5 . ll 22 . 0 
6 2 . 5 24 5 . 03 26 . 7 
7 4 . 5 30 4. 97 33 . 0 
83 . 0 26 4 . 86 2 9. 7 
9 5 . 0 26 4 . 7 6 30.9 
126 . 0 32 4. 7 6 3 7 . 5 
3 Details of t his calc ul a ti on are explaine d in 
Append1x A . 
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12Qr-----------~~------------~~------------~ 
60- -
0~ 0---------------~0~· 
0ok_ ___________ L3~------------~6----------~g 
TIME (s X 10-5) 
Figure 23. P y rite oxidation kinetics at pH 8 . 2 in the 
p r esence of calcium carbonate . Background 
elec tr oly t e 10 mol(NaCl0 4 ) m- 3 . Zero order rate 
constant 45 pmol(Fe) m- 2 s -1. 
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The final phase of this study was conducted in 10 mol 
(NaHC0 3 ) m- 3 solution which maintained a pH of about 9 . 0 . As 
is seen in the data of Table 13, the amount of oxid ized iron 
in the solid phase is greater t han at lowe~ pH . A zero ord e r 
reaction is indicated in Figure 24 with a rate of 119 pmol 
-2 - 1 m s • 
Table 13 . Kinetic data for pyrite oxidation at 
pH 9 expressed as iron . 
Time Iron oxidized on an areal basis 
Oxide Oxide + Iron 
Py r itic Oxidized 3 
h mmol m-2 mol m- 2 mmol m- 2 
o .o 5 . 9 5 . 40 6 . 1 
2 1 .5 6 . 7 5 . 7 1 6. 5 
52 . 0 10.8 5. 6 3 10.7 
7l .8 20.4 5. 77 19 . 7 
96.9 38.2 5. 7 9 36.6 
124 . 9 45 . 4 5. 59 45 . 1 
14 7 . 1 54 . 1 5. 92 50 . 8 
17 6 . 8 94. 0 5. 77 90.5 
1 91 . 5 69.3 5 . 8 7 65 . 6 
219 . 7 90.5 5. 7 8 87 . 0 
24 3 . 2 10 4. 5 5. 6 4 10 3.0 
24 3 . 3 117 . 5 5.80 112 . 6 
24 3 . 4 9 7 • 7 5.90 92 .o 
8 Details of this calculation are explained in 
Appendix A. 
This series of expe riments demonstrates clea rly that 
the chemical oxidation of pyrite is a zero order reaction 
which is in agreement with the qualitative results of McKay 
llS 
120.------------.------------.------------, 
0 
0 
0 
0 
60 0 
0 
0 
0 
0 0 o~-----------L3------------~6----------~9 
(s X 10-5) TIME 
figure 24 . Pyrite oxidation kinetics at ~H 9 . Back g round 
electrolyte 10 mol(NaHCOl) m- . Zero order rat e 
constant 119 pmo1(Fe) m- z s - l. 
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and Halpern (1958) obtained at higher temperatures and 
oxygen pressures. The rate of oxidation increases with pH, 
however, which was not considered in the McKay and Halpern 
experiments. Singer a nd Stumm (1970) predicted an increase 
in pyrite oxidation rates with pH based on the chemistry of 
solution phase iron oxidation. Smith and Shumate (1970) 
reported an increase in pyrite oxidation rates with pH 
expressed as sulfate . Quantitative comparison of their data 
with the present experiments is difficult because of the 
difference in pretreatment and surface areas of the pyrites 
and the analytical methods used. The rates reported here are 
about two orders of magnitude lower than those of Smith and 
Shumate (1970) . 
It is not clear that the only effect of the NaClo 4 , 
Caco 3 and NaHco 3 electrolytes on pyrite oxidation is a pH 
effect. Ionic strength effects should have been minimized by 
the use of 10 mol m-3 solutions of sodium salts. It is 
apparent that specific salt effects cannot be ruled out on 
the basis of these data alone. 
The Effect of Ionic Strength 
o;:;-Pyrite Ortd~ 
Five different electrolytes were used to define the 
salt effect on pyrite oxidation . Sodium perchlorate was used 
as the background electrolyte in the controlled pH and 
va riable surface area experiments because of its tendency to 
have the least complexing capacity and the least inhibitory 
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effect on iron oxidation. The logarithm of the pyrite 
oxidation rate as both iron and sulfate was plotted against 
the modified Br~nsted function of the ionic str~ngth to 
yield ~he logarithm of the oxidation rate at zero ionic 
strength and ZAZB, the product of the char ges of the 
reactant species . The final pH at zero i onic strength was 
derive d similarly. These data are sho wn in Table 14. 
Table 14. Effect of specific salts and ionic strength on 
kinetics of pyrite oxidation usin g the modified 
Br~nsted equation . 
-log ( Ra t e a ) Br0nsted 
Salt at I=O Slope b 
pH at I=O 
so~ - sol-as Fe as as Fe as 
NaHC0 3 -7.5 7 -6.84 2 . oo -9 .40? 
NaC10 4 -7.60 - 7.34 0.075 - l. 71 
NaCl -7.6 7 - 7.3 -1 . 18 - 1 . 14 
K2S04 - 7.676 H -0.791 M 
Na 2 so 4 - 7.8 M - 0.438 M 
8 Rates as mmol m-2 s - 1 • 
bsr~nsted slope as mmol m-2 s - 1 (mol L- 1) - o.s. 
M denotes data not collected . 
? questionable data. 
7 . 31 
3 . 42 
3 . 5 
3 . 38 
3 . 1 2 
------
Pyrite oxidation is most r~pid in sodium bicarbonate , 
but this effect is most likely due t o pH rather than 
specific ionic interactions. This was demonstr a t ed in the 
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cont r olled pH experiments . Of t he salts test ed at sim il ar 
pH, sod ium perc hl o r ate has the least inhibitory effect on 
pyrite oxidation . Sodi um chloride, potassium sulfate and 
sodi um sulfate hav e increasingly g r ea t e r inhibitory effects 
on oxidation rates . This is consistent with th e data of 
Tamura e t al. (1976a) and Su ng and Morgan (1980) for the 
homogeneous ox idation of aqueo us iron(ll) in the presence of 
sodium sal t s of pe r c hlora t e , c h lor id e and sulfate . These 
data support th e hypothesis th at at low pH, at least , i t is 
the ra t e of ox i datio n of Fe2+ which determines the rate of 
pyrite oxida tion . 
The Br¢nsted slope, ZAZB• is derived with th e 
ass umpti on that it is a bim o l ecula r r eac ti o n whi ch is 
responsible fo r th e fo rm ation of the ac ti va t ed complex . This 
is t he type of mechanism proposed b y Go to et al. ( 197 0): 
FeOH+ + OzOH - = Fe(OH)! + Oz, l 7 3 J 
where th e cha r ges of the reactant species are +1 and -1. 
Hydrated oxygen and iron(ll) presumably dissociat e , each 
los in g one H+ before they react with each other. The 
Br¢nst~d slopes for NaCl and K2 so 4 are n ~g ativ e a nd nearly 
unity, co nsiste nt with thi s proposed mechanism . For the 
perchlorate sal t the slope is ~ssentially zero (as iron) , 
suggesting that one of the reactants has no charge in this 
electrolyte . When the rate of oxidatio n is exp r essed as 
su lf ate , howeve r, a slope more consisten t wi th the o t he r 
salts appears . 
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The fractional Br0nsted slopes exhibited in the 
presence of the sulfate salts should not be construed co 
indicate the presence of complex reactants with fractional 
charges . Other ionic interactions in the background 
electrolyte make the simple assumptions of the Br0nsted 
equation inaccurate at high ionic strengths (Moore, 1972). 
The strong tendency of sulfate to form ion pairs should be 
suspected as influencing the Br~nsted slope in this case . 
The mechanism proposed by Tamura et al. (l976a) for 
aqueous iron(II) oxidation in th e presence of va rious anions 
affords an additional interpretation of the fractional 
Br~nsted slopes . In this mechanism anions such as Cl- and 
sol- compete with OH- to form ion pairs which can then r eact 
more or less vi go rously with dissociated hydrated oxygen . 
This is repres e nted by: 
[ 7 4 l 
where X is an anion such as Cl or sol- Fra c tional slopes 
would refl ec t the reduced r eac tivity of the Fex+ ion pair. 
Th e Br0nsted slope exhibited in the presence of NaHCOJ 
is dramatically different from that in the other 
electrolytes. A mechanism involving reactants with charges 
of +1 and +2 or -1 and -2 is implied, which is not 
consistent with the mechanism of Goto et al. (1970) . Tamur a 
et al . (l976b) proposed a mechanism of FeZ+ oxidation in the 
presence of solid phase iron oxides in which adsorbed Fe 2+ 
undergo~s el~ctrochemical oxidation. This mechanism does not 
provide a satisfactory analogy given the insolubility of 
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both pyrite and Fe(OH) 3 at high pH. The activated complex 
under these conditions is most likely at the solution-iron 
oxide coating interface . This might involve the adsorption 
of dissociated hydrated oxygen on a negatively charged iron 
oxide su r face followed by electrochemical oxidation of the 
pyrite: 
FeSz - FeO(OH)~- (c) + OzOH 
[ 7 5 J 
Although this mechanism is physically consistent with the 
electrochemical mechanism of oxidation and the product of 
the charges of the reactants satisfies the Br¢nsted 
equation, independent determination of reactant identities 
would be needed for confirmation. 
Sulfur Oxidation 
During the initial phase of this research it became 
clear that sulfate sulfur was not an accurate measure of 
pyrite oxidation . The data of the controlled pH e xperiments 
and the batch experiments are combined in Figures 25 and 26 
to show the rate of appearance of the products, iron and 
sulfate respectively, versus pH . Expressed as iron, pyrite 
oxidation increases with pH as predicted by the kinetics of 
homogeneous and heterogeneous iron(II) oxidation. Sulfate 
data displayed more variability, partly due to the detection 
limit of the Baso 4 precipitation method and partly due to 
the greater precision of the iron calculations. There was no 
100 
80 0 
pmoi(Fe) 0 
m-2 s-1 
40 
0 
6 7 8 9 
pH 
Figure 25. pH dependence of pyrite oxidation rate as 
pmol(Fe) m- 2 s-1. 
12 l 
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pH 
Figure 26 . pH dependence of ryrite o xid at ion rat e as 
pmol(SO~ - ) m-2 s - . 
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increase in ox i dation rates expressed as sulfate; at the 
highest pH enco untered, rates ac tually decreased. Finally, 
while agreement is not bad at lower pH, su lf ate rates at 
neutral and higher pH und erestimate rates expressed as iron. 
The reason for the discrepancies between sulfate and 
iron data becomes ev ident i n Tables 15 and 16 which show the 
effect of pH (and electrolyte) on the distribution of sulfur 
prod u cts . At the lower pH in sodium perchlorate , sulfate and 
disulfane disulfonate are the principal sulfur oxidation 
products. At the higher pH in sodium bicarbon a t e , 
Table 15 . Effect of i onic strength on pyrite oxidation 
(as NaCl0 4 ) . 
============~ ===== ======= == ========== ====================== 
Ioni c Oxidation Sol'n . Concentration 
Strength Time Rate mol m- 3 
mol m-3 pH h pmol sol - s 4 og -
2 -
ID-2 5 -l s2o3 
6 . 7 5 3 . 41 304 39 0 . 29 0 . 040 o . o 
6 . 9 6 3 . 65 264 17 0.54 0 . 034 o . o 
11 . 2 j. 56 264 5 . s 0. 61 M o.o 
11 . 9 3 . 40 318 24 0 . 41 0 . 061 o . o 
12 . 2 3. 41 305 25 0 . 50 0 . 044 o.o 
12 . 5 3. 4 2 318 30 0.46 0.067 o.o 
52.4 3. 49 305 27 0.52 0.065 o . o 
54.2 3. 53 264 25 1 . 4 1 0 .o 37 0. 0 
102 3 . 57 265 22 0 . 38 0 . 036 o . o 
102 3 . 52 305 27 0 . 44 0 . 064 o . o 
501 3. 56 305 21 o . o 0.065 o . o 
502 3 . 54 317 33 0. 16 0 . 089 o . o 
502 3 . 61 265 80 0 . 20 0 .051 0 .o 
502 3. 50 317 30 0.14 0 . 099 o.o 
12 4 
Table 16 . Effect of ionic stre n gt h on pyrite oxidation 
(as NaCl) . 
=========================================================== 
Ionic Oxidation Sol ' n. Concentration 
Strength Time Rate mol m-3 
mol m-3 pH h £'2'0 1_1 sol - s 4og- 2-s2o3 
m s 
7 . 24 3.53 264 18 0 . 32 0.044 o.o 
8 . 89 3 . 58 265 14 1 . 33 0.028 o.o 
12 . 4 3 . 53 264 21 0 . 33 0 . 043 o.o 
14 . 5 3 .60 264 14 1. 69 0 .o 29 o.o 
51.6 3. 61 264 15 0 . 06 0.045 o.o 
52 .1 3. 61 265 13 0.42 0 . 039 o . o 
52.2 3 . 62 26 5 17 0.31 0 . 053 o . o 
54.5 3 . 6 2 265 10 1. 68 0 . 035 o . o 
10 2 3. 6 3 265 ll 0 . 44 0.043 o . o 
102 3 . 63 264 15 0.35 0 . 053 o.o 
502 3. 6 9 264 12 0 . 33 u . 072 o.o 
503 3 . 6 7 265 8 .2 0.68 0 . 058 o . o 
thiosulfate replaces sulfate as a major reaction product. 
This shift in sulfur oxidation products is displayed 
gra phically in Figure 27 and is qualitatively similar to th e 
data of Figure ll (Goldhaber, 1980) . 
The rates of oxidation of thio sulfate and disulfane 
disulfonate in the absence of pyrite are shown in Tables 17 
and 18 . It is clear that disulfane disulfonate is a 
relatively inert compound in th e pH region 4.5 to since no 
sulfate formed in over 260 hours. Thiosulfate is less inert, 
partially oxidizing in the same time period to disulfane 
SIS 0 ·6 T 
Product 
Ratio 
0 . 
SULFUR OXIDATION 
PRODUCT DISTRIBUTION 
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Fi g ure 27 . Distribu tion of pyritic sulfur oxidation products 
sulfate, sulfane disulfonate and thiosulfat e 
be tween p fl 7 . 5 and 9 • 
126 
Table 17. Effect of ionic strength on disul fane disulfonate 
o~idation (Initial concent ration 0 . 1 mol(K2 s 4 o 6 ) 
m 3 in NaCl04) . 
Ionic Sol'n . Concentration 
Strength Time mol m-3 
mol m-3 pH h s2o1- s 4 og- sot-
5 . 34 4 . 47 261 o.o 0.0944 o.o 
10 . 4 4 . 61 262 o.o 0 . 0963 o . o 
50.5 5. 03 262 o.o 0.0973 o.o 
100 5 .13 262 o.o 0.0982 o . o 
500 5.13 262 o.o o.u973 o.o 
Table 18 . Effec t of ionic s tren g th on thiosulfate oxidation 
(Initial concentra tion 0.1 mol(Na 2 s 2 o 3 ) m- 3 in NaCl0 4 ). 
Ionic Sol ' n. Concentration 
Strength Time mol m-3 
mol m- 3 pH h s2o1- s 4 og - so~ -
5 . 39 4 . 58 261 0.0372 0.0060 o . o 
l 0 • 4 4. 66 262 0.0359 o . ooso o.o 
50 . 4 s . sa 262 0 . 0286 0 . 0022 0 . 04 
100 5. 30 26 2 0.0617 0.0013 o.o 
SOl 4. 59 262 0 . 0520 o.ooso 0.02 
disulfonate and sulfate. Sulfur recovery was not complete , 
suggesting the formation of insoluble elemental sulfur or 
polysulfane disulfonates othe r than the disulfane. 
As indicated by t he sulfur da ta in Table 18 , there is a 
pronounced ionic streng th effect on thiosulf ate oxidation 
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(pe rhaps confounded by pH). The disulfane disulfonate 
concent rations are proportional to thiosulfate oxidation 
rate in the Br~nsted plot of Figure 28. The negative slope 
indicates the cha r ges of the reactant species are opposite 
in sign. One may speculate that a protonation reaction is 
the rate determining step in the oxidation of thiosulfate to 
disulfane disulfonate . One possible representation of this 
reaction would be: 
s 2 o~- + H+ = HS 20), [?o] 
where the Hs 2 o] would th en rapidly react with oxygen and 
thiosulfate to form sulfane disulfonate . 
Oxidation of thiosulfate in the pH range 7.5 to 8 was 
studied in the presence and absence of pyrite . There is a 
profound catalytic effect of pyrite on thi os ulf ate oxidation 
as shown in Figure 29 . In the abse n ce of pyrite at this 
neutral pH, thiosulfate is more inert with sulfate as the 
principal oxidation produ ct. When pyrite is present, 
thiosulfate is less inert, but the principal oxidation 
product appears to be disulfane disulfonate, rather than 
sulfu r of a higher oxidation state. 
The s ulfur redox reacti on which is consistent with 
these data is: 
[ 77] 
particularly since an increase 1n pH (OH production) was 
12 8 
6 
0 
4 
rrmol 
(S4ot-J 
m-3 
2 0 
0 
100 300 
Figure 28 . The effect of ionic strength on thiosul fate 
oxidation measured as disulfane disulfonate 
(background e lectrolyte, NaCl04l• 
0.7r-------------~ 
THIOSULFATE OXIDATION 
0 . 
S/ST 
Product 
Ratio 
WITH(+) AND WITHOUT(-) PYRI 
+ s 0 2-2 3 
pH 7.5-8 .0 
+ s 0 2-4 6 
+ 
so2-4 
l2 9 
Fi g ure 29 . Distribution of thiosulfate oxidation products 
in the p resence and abse nce of pyrite . 
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noticable. The alkaline decomposition of disulfane 
disulfonate characterized by Fava and Diva (1953b): 
[ 7 d l 
is also c onsistent with this data . The nucleophili c 
displacement reaction: 
[ 79 l 
studied by Christiansen and Drost - Hansen (1949) , 
generallized by Foss (1958) and proven by Wagner and 
Schreier (1978a, 1978b) would also describe sulfur oxidation 
in the presence of pyrite, howev e r, monosulfan e disulfonate 
could not be distinguished by the analytical methods used in 
this study. 
Effect of Redu ced Sulfur Compounds 
on Pyrite Oxidation Rate 
A simpl e batch oxidation experiment was conducted to 
e xaluate the interaction between pyrite and partially 
Table 19 . Effect of r ed u ced su lfur compo unds on pyrite 
oxidation rat e (I= 500 mol m- 3 as NaCl0 4 ) . 
Oxidation Rate as emol m- 2 s - 1 
5 mol m- 3 5 mol m - 3 
Tr ea tments No Sulfur Na 2 so 3 Na 2 s2 o3 
No CaC0 3 21 21 33 
CaC0 3 41 38 30 
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oxidized sulfur products. The rates of pyrite oxidatlon ln 
the presence of sodium thiosulfate and sodium sulfite are 
shown in Table 19. Calcium carbonate was used to buff e r the 
pH of the sodium perchlorat e solutions near 8. The effect of 
adding Caco 3 was to app roxim ately double the oxidation rate 
from 21 to 41 mol m-3 s-1. 
Sodium sulfite appears to have very little effect on 
oxidation rates . This is probably due to the rapid oxidatlon 
of sulfite to sulfate. A separate expe riment demonstrated 
almost comple te oxidation of a calcium sulfite solution in 
less than 24 hours . Complete oxidation is confirmed by the 
s ulf ate data in Table 20, which sho ws that nearly all 
sulfite was recovered as sulfate . Thiosulfate did have a n 
effect on pyrite oxidation rate although it was confounded 
by pH changes . Table 21 summarizes the average final pH 
measurements for duplicate batches . Sodium thiosulfate 
oxidation raised the pH co nearly the same level as the 
calci um carbonate batch. However, at the race of 30 mol m- 3 
s- 1 pyrite oxidation was significantly less at this higher · 
pH in th e presence of excess thiosulfate . 
The pH effect of thiosulfat e oxidatio n is explained 
most simply by reaction [77]. That disulfane disulfonate is 
the major sulfur oxidation product in this case is confirmed 
by the sulfur data in Table 20 . A similar, competing 
reaction between thiosulfate and Fe3+ (aq) o r Fe(OH) 3 (c) 
may account for the redu ced rate of pyrite oxidation. While 
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Table 20 . Effect of reduced sulfur compounds on pyrite 
oxidation in the presence and absence of Caco 3 . 
Oxidation in the p r esence of Caco 3 
Oxidation 
s added a pH (Ca2 + ]b Rate c (sot - J (540~ - J (5 2 0~ - J 
None 7. 69 1. 34 41 0.06 0.149 0 . 023 
No n e 7 . 7 6 1 . 00 40 o . oo 0 . 148 0.034 
Na 2 so 3 7 • 7 8 1 . 1 7 35 4 . 7 0 0 . 144 0 . 044 
Na 2 so 3 7 . 77 1 • 2 1 40 4 . so 0.149 0 . 041 
Na 2 s 2 o 3 8. 23 0.83 30 o.o 1 . 16 2. 60 
Na 2 s 2 o 3 8. 25 0.80 29 o . o 1 . 06 3 . 03 
Oxidation in the absence of Caco 3 
Oxidation 
s added a pH [Ca2+]b Ra tee (sol-l ( s 4 og-J (s 2 o}-l 
None 3.52 o . o 23 4 . 38 0 . 093 o . o 
None 3 .53 o.o 19 4. 4 3 0. 09 4 o.o 
Na 2 so 3 3. 50 o . o 20 0 . 14 0.099 o.o 
Na 2 so 3 3.54 o . o 22 0. 16 0.089 u.u 
Na 2 s 2 o 3 7 . 61 o.o 32 o.o 1. 2 8 2. 3 4 
Na 2 s 2 o 3 7 . 53 o .o 34 o.o 1. 34 2. 18 
aSulfur compounds added at the rate of 5 mol - 3 m . 
hconcentrations expressed as mol -3 m . 
cRate of oxidation expressed as pmol(Fe) m-2 - 1 s . 
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Table 21. Effect of oxidation of reduced sulfur compounds 
on pH in the presence of pyrite and Caco 3 (I= 500 mol m- 3 as NaCl04l· 
Oxidation Rat~~m- 2 s-1 
Treatments No Sulfur 
No CaC03 3.52 3. 53 7 . 57 
Caco 3 7.73 7. 7 8 8 . 24 
the reaction with Fe3+ would not necessarily produce OH-, 
the oxidation of thiosulfate to disulfane disulfonate at the 
s urfa ce of solid Fe(OH) 3 would produce results similar to 
the reaction: 
[ 801 
This implies that there is a redox buffering effect of 
reduced sulfur compounds at a neutral and higher pH which 
could interfere with known pyrite oxidation mechanisms . The 
reduction of Fe)+ may remove the most effective oxidizing 
agent, thus decrease pyrite oxidat ion rates . 
That pyrite is oxidized by an electrochemical mechanism 
is quite apparent, however the identity of the oxidizing 
agent is not. Smith and Shumate (1970) acknowledged the fact 
that both o2 and Fe
3+ could directly oxidiz~ pyrite. The 
emphas is of e lectrochemical studies has been on the direct 
discha rge of o2 at the pyrite surface as in the work of 
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Biegler (1976), Biegl e r et al. (1975) and Bie g l e r an d Swift 
( 197 9). Singer and Stumm (1970) a r g ued that th e s olution 
ox id a tion of FeZ+ was th e rate determining step, producing 
Fe)+ fo r oxidatio n of pyrite. During th e course of th e 
controlled pH pyrite oxida ti on e .xperiments, wh e r e thi os ulf ate 
was added, oxygen concentrations were measure d periodically 
and found to match values measured in control solutions 
contai nin g no pyrite . Oxidation rates we r e lowered in spite 
of thi s; which t e nd s to favor the iron(III) mediated 
mec han ism . Th e passiva tion of the pyrite s ur face by the 
adso rption of thiosulfate is also a possibl e explanation , but 
would requir e more co rrobor ating ev iden ce . 
The Effect of DTPA on 
Py riteOX"idaci~ 
The thermodynamically we ll-c haracterized chelate, DTPA, 
was a dded to a set of batch experiments to assess the effect 
of this li gand on pyrite oxidation and solution equ ilibri a. 
This li gand h as a st r ong affinity for solution iron and has 
bee n used to experimentally determine the solubility p r od u cts 
for r e l a t ive l y insoluble iro n compo unds (Vlek et a l., 1974). 
The e xperiment s were conducted in 10 mol(NaCl0 4 ) m- 3 with a 
DTPA co n ce ntrati on of 0.1 mol m- 3 in the presence and absence 
of caco 3 . 
The resu l ts in Table 22 show th at DTPA had no appare nt 
ef fe c t on pyrite oxida tion rates as expressed as iron; 
control rates at pH 3 . 4 were 14 and 19 nmol m-2 s-1 and 
DTPA tre a tment rate s were 1 . 9 and 2.0 at the s ame pH . The 
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significant point is that oxidation r a tes did not increase 
dramatically at pH 7.9 in the experiment to which both DTPA 
and Caco 3 had been added . Thus, DTPA inhibits the rate of 
pyrite oxidation at high pH. 
Table 22 . Effect of DTPA on pyrite ox idation ( I 10 
mol m- 3) . 
Oxida ti on 
Treatment a pH Rate b [Fe2+]c [Fe 3+] [540~-J [S 2 o~-] 
None 3.42 19 0. 211 0 .219 0.067 o.o 
None 3.40 14 0 . 11:l7 0 . 141 0 . 061 o.o 
DTPA 3. 3 7 20 0 .115 0 . 297 0 . 062 o.o 
DTPA 3 . 41 19 0 •. 112 0.290 0 . 067 0 .o 
DTPA/ CaCOJ 7 . 8 5 21 0.008 0 . 081 0 . 055 1).009 
DTPA/CaC03 7 . 91 22 0.009 0 . 077 0 . 053 0 . 014 
aDTPA 0.1 mol m- 3 . 
bOxidation rate expressed as pmol(Fe) m- 2 - 1 s . 
cConcentrations expressed as mol m- 3 . 
The conc e ntrations of solution iron and reduced sulfur 
compounds are shown in Table 22 . The DTPA appears to have 
only a modest influence on solution iron concentrations at 
pH 3 . 4 . Iron conce ntrati ons exceed the concentration of 
DTPA , indicating that uncomplexed or "fr ee" iron must be 
present in solution . Reduced sulf ur species are simila r in 
both the treatment and control . In the presence of Caco 3 the 
pH is increased and solution iron concentrations are lower. 
Solution iron must all be associated with DTPA . Thiosulfate 
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also appears in solution at the higher pH, as expected. 
The total solution concentrations of Na+, ca2+, Fe2+, 
?e 3+, sol- , ClOi;, s2 o5 - and DTPA were used along with pH, 
measured pe and an ass um ed partial ~ressure of co 2 to 
ca lculate the distribution of solution species at 
equilibrium. The well-known computer program GEOCHEM was 
used to make the calculations, which are corrected for ionic 
strength and account for a large number of possible 
complexes and solid precipit ates. In th ese calculations, the 
so lid phase Fe(OH)3 was considered, but jarosite compounds 
vere not. Disulfane disulfonate data were not used because 
cf the lack of thermodynamic data on this compound. The data 
LSed and r esu lt s of the equilibrium calculations using 
GEOCHEM are listed in T a bl es 23 a nd 24. 
As shown by the calculations in Tabl e 23, at pH. 3.4 th e 
CTPA is essentially all complexed with iron and the excess 
iron exceeds the solubility of Fe(OH) 3 , which is predicted 
to precipitate. The calculations indicate that both iron(II) 
a nd iron(III ) may exis t in equilibrium in non-DTPA, free or 
complexe d forms in solution. Sulfate and hydroxyl are 
probable ligands for iron(III) complexation. This is 
cont r asted with the calculations of Table 24, which indicate 
that all of the iron in solution is associated with DTPA . 
Some of the calcium from the CaC0 3 is also present as a DTPA 
complex . Calculated concentrations of free iron are very 
minute, probably beyond the precision of the compute r used. 
Table 23 . Calculations of solution eq uilibri a in the 
p r esence of DTPA and pyrite using GEOCHEM 
(at pH 3 . 4). 
THESE COMPUTATIONS INVOLVE 4 METALS, 5 LIGANDS, 48 
COMPLEXES AND 4 POSSIBLE SOLIDS . 
THE CONDITIONS FOR THE DIFFERENT CASES AREa 
METAL CASE 1 CASE 2 LIGAND CASE 
2 . 000 2.000 so~ - 2.860 
3 0 5 28 3 0 53 7 DTPA 4 . 000 
3 .93 8 3 0 9 52 ClOi; 2.000 
CASE 1 CASE 2 
F I X E D P H 3.370 3.410 
P(C0 2 ) (ATM) 3 . 500 3 . 500 
REDOX POTENTIAL (pe) 11 0 7 30 11.720 
THE REDOX REACTION Fe2+/Fe3+ WAS CONSIDERED 
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CASE 2 
2 . 896 
4 . 000 
2 . 000 
Table 23. Continued. 
CASE NUMBER 
SOLID Fe(OH) 3 PRECIPITATES 
CALCULATED ION I C STRENGT H• 0.012b60303 mo l L- 1 . 
SOLID 
Fe(OH) 3 
FREE LIG 
Na+ 
Fe3+ 
Fe 2 + 
H+ 
PRIMARY 
co~-
DTPA 
MOLES PER LITER OF SOLU T ION 
0.00030771995 
FREE MET coj- sol- DTPA ClOi; 
14.7 0 2.90 31 . J2 2.00 
2 . 00 9.85 4.01 b b 
6 . 8 5 9 . 23 6 . 35 4 . 13 b 
5 . 84 ll . 29 6. 9 5 4 . 58 b 
3 . 37 5 . 00 4. 4 5 19 . 04 b 
DIS TRI BU T ION OF METALS AND LIGANDS 
AS A FREE METAL/ 99 .o PERCENT 
BOUND WI TH SO~-/ 1 . 0 PERCENT 
BOUND WITH sol - ; u . 1 PERCENT 
BOUND WITH DTPA/ 1 7 . 9 PERCENT 
BOUND WITH OH - I o.s PERCENT 
IN SOLID FORM WITH OH- I 7 4. 7 PERCENT 
AS A FREE NETAL/ 0 . 4 PERCENT 
BOU NO WITH DTPA/ 6. 4 PERCENT 
BOUND WITH H+ 10 . 0 PERCENT 
IN SO LI D FORM WITH H+ / 90 . 0 PERCENTc 
AS A FREE LIGAND/ 90.3 PERCENT 
BOUND WITH NA+ I 7 . 1 PERCENT 
BOUND WITH n+ I 2 . 5 PERCENT 
BOUND WITH Fe 3+ 13 .8 PERCEll! 
BOUND WITH Fe 2+ 26 .2 PERCENT 
AS A FREE LIGAND/ 100 . 0 PERCENT 
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OH 
10.56 
12.85 
5. 7l 
12 . 09 
b 
Table 23 . Continued . 
CASE NUMBER 
CALCULATED IONIC STRENGTH= 0.012451466 mol L- 1 • 
SOLID 
Fe(OH)J 
FREE LIG 
Na+ 
Fe 3+ 
FeZ+ 
H+ 
PRH!ARY 
Na+ 
Fe 3+ 
Fe 2+ 
co~-
so~-
DTPA 
ClOi; 
MOLES PER LITER OF SOLUTION 
0.00029881339 
FREE MET co~- sot- DTPA ClOi; 
14 . 63 2 . 94 31 • 2 5 2 .oo 
2 . 00 9. 82 4 . 04 b b 
6.98 9. 2 9 6 .52 4 . 15 b 
5. 9 6 11 . 3 8 7 . ll 4.55 b 
3 . 41 5 . 01 4.53 19 . 08 b 
DISTRIBUTION OF METALS AND LIGANDS 
AS A FREE METAL/ 9 9 .1 PERCENT 
BOUND WITH sol - / 0.9 PERCENT 
BOUND WITH DTPA/ 17 • 8 PERCENT 
BOUND WITH OH I 0 . 4 PERCENT 
IN SOLID FORM WITH OH- I 7 4 .3 PERCENT 
AS A FREE METAL/ 0 . 3 PERCENT 
BOUND WITH DTPA/ 7 . 1 PERCENT 
BOUND WITH H+ 9.8 PERCENT 
IN SOLID FORM WITH H+ I 90.2 PERCENT c 
AS A FREE LIGAND/ 90.5 PERCENT 
BOUND WITH Na+ I 7 . 1 PERCENT 
BOUND WITH H+ I 2. 3 PERCENT 
BOUND WITH Fe 3+ 7 1 . 5 PERCENT 
BOUND WITH Fe 2+ 28 . 5 PERCENT 
AS A FREE LIGAND/ 100.0 PERCENT 
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OH 
10.5 2 
12.80 
5. 77 
12 . 16 
b 
-------·-
Ta bl e 23 . Continued. 
3 Con ce ntrarions a r e ex pr esse d as th e pC, t he 
-log(Con ce ntration) of th e ion . Concentrations are as 
mo 1 L -l. 
bE x tr e mely small number . 
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cThe t e rm 
form co 2 , 
"solid form" r efe rs to H2 co 3 which dehydrates to 
a n artifa c t of th e way equilibrium is calc ul ated . 
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Table 24. Calculations of solution equilibria in the 
presence of DTPA, Cacu 3 and pyrite using GEOCHEM (pH 7 . 9). 
THESE COMPUTATIONS INVOLVE 5 METALS, 6 LIGANDS, 59 
COMPLEXES AND 7 POSSIBLE SOLIDS 
THE CONDITIONS FOR THE DIFFERENT CASES AREa 
METAL CASE 1 CASE LIGAND CASE CASE 2 
ca 2 + 2 . 920 2 . 9 7 0 sot- 3 . OY8 3. 061 
Na+ 2.000 2 . ooo s2o1- 5.050 4.840 
FeJ+ 4.094 4 .112 DTPA 4 . 000 4 . 000 
Fe2+ 5 .120 5 . 040 ClO/; 2.000 2.000 
CASE 1 CASE 2 
F I X E D p H 7 . 8 50 7 • 910 
P ( C0 2 ) ( ATH) 3.500 3 . 500 
NO REDOX REACTIONS WERE CONSIDERED 
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Table 24. Continued. 
CASE NUMBER 
IONIC STRENGTH= 0.0 13794 079 mol L-1. 
FREE MET coj- sot- s2o} - DTPA ClOi; OH 
FREE LI G 5. 7 3 3.16 5 . 07 ll. 74 2 . 00 6 . 08 
ca 2+ 2 . 9 5 5. 3 7 4. 24 6. 55 4. 9 3 b 7 . 8 2 
Na+ 2 . 00 5 . 3 7 4.28 6.70 b b 8 . 3 7 
Fe3+ 30 . 82 18 • 14 30 . 61 3 2 . 6 2 4. 09 b 19 . 6 3 
Fe 2 + 34 . 92 35 . 53 36 . 31 b 5.12 b 36 . 69 
H+ 7 . 8 5 3 . 46 9.20 11 . 4 1 9.04 b b 
-------
PR I MARY DI STR IBUTION OF META LS AND LIGAND S 
AS A FREE METAL/ 93 . 8 PERCENT 
BOUND WITH co 2-; 0 . 4 PER CENT 
BOUND WITH sd-I 4 . 8 PERCENT 
BOUN D WITH DTPA/ l . o PERCENT 
AS A FREE METAL/ 99 . 4 PERCENT 
BO UN D WITH sol - ! 0.5 PERCENT 
BOUND WITH DTPA/ 100.0 PERCENT 
BOUND WITH DTPA/ 100.0 PERCENT 
BOUND WITH H+ 3 . 5 PERCENT 
IN SOLID FORM WITH H+ I 9 6. 4 PERCENTc 
sot - AS A FREE LIGAND/ 36 . 2 PERCENT 
BOUND WITH ca2+ / 7 . 2 PERCENT 
BOUND WITH Na+ I 6 .6 PERCENT 
AS A FREE LI GAND/ 9 4. 6 PERCENT 
BOUND WITH ca2+ I 3 . 1 PERCENT 
BOUND WITH Na+ I 2 . 3 PERCENT 
BOUND WITH ca 2+; 11.9 PERCENT 
BOUND WITH Fe 3+ I 80 . 5 PERCENT 
BOUND WIT H Fe 2+ ; 7 . 6 PERCENT 
DTPA 
AS A FREE LIGAND/ 100 . 0 PERCENT 
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Table Z4 . Continued . 
CASE NUNBER z 
CALCULATED IONIC STRENGTH= 0 . 013696394 mol L - 1 . 
FREE NET coj - so~- SzOJ- DTPA Cl04 OH 
FREE LIG 5 0 6 z 3 012 4.86 11 .63 2 . 00 6 0 01 
ca 2+ 3 . 00 5 0 35 4 0 Z5 6 0 39 4 0 8 7 b 7.8 0 
Na+ z.oo 5 0 3 z 4 0 24 6 .49 b b 8.30 
Fe3+ 31.01 18 .oo 30.76 3 2 0 61 4.11 b 19 0 6 3 
FeZ+ 35 0 0 7 35 0 60 36 . 42 b 5.04 36 0 77 
H+ 7 0 91 3 0 41 9 0 2 2 11 . 26 9 .03 b b 
P R I NARY DISTRIBUTION OF METALS AND LIGANDS 
ca2+ AS A FREE METAL/ 93 . o PERCENT 
BOUND WITH co~-; 0 0 4 PERCENT 
BOUND WITH so 4 - ; 50 2 PERCENT 
BOUND WITH DTPA / 1 0 3 PERCENT 
AS A FREE METAL/ 99.4 PERCENT 
BOUND WITH sol - / 0 .6 PERCENT 
BOUND WITH DTPA/ 100 . 0 PERCENT 
BOUND WITH DTPA/ 100.0 PERCENT 
co~- BOUND WITH H+ 3 0 9 PERCENT 
IN SOLID FORM WITH H+ I 96 .o PERCENT c 
AS A FREE LIGAND/ 86 .9 PERCENT 
BOUND WITH ca2+ / 6 0 4 PERCENT 
BOUND WITH Na+ I 6 0 7 PERCENT 
AS A FREE LIGAND/ 94.9 PERCENT 
BOUND WITH ca 2+ I 2 0 8 PERCENT 
BOUND WITH Na + I 2 0 3 PERCENT 
DTPA BOUND WITH ca2+; 13 0 6 PERCENT 
BOUND WITH Fe 3+; 77 . 3 PERCENT 
BOUND WITH FeZ+; 9 0 1 PERCENT 
AS A FREE LIGAND/ 100.0 PERCENT 
Table 24. Continued. 
3 Con ce ntrations are expressed as th e pC, t he 
-lo g(Co ncen tr a tion) of th e io n. Conce ntr a ti ons are as 
mol L- 1 . 
bExtremely small numb e r . 
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cThe term "solid f o rm" r efe r s to H2 co 3 whi ch dehydrates to 
form co 2 , an artifact of the way equilibrium is calculated . 
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Thiosulfate was calculated to form complexes with calcium 
and sodium. 
The inhibition of pyrite oxida tion by DTPA may provide 
further information on th e mec hanism of oxidation at high 
pH. If the mechanism of pyrite oxidation i nvolved th e 
adsorption and reduction of solution oxygen a t th e pyrite 
surface as assumed by Smith and Shumate (1970) and Bailey 
and Peters (1976), DTPA should have no effect on pyrite 
oxidation . Since it does appear to have an effect, and since 
iron is the most prominent solution species interacting with 
DTPA, the reduction of iron at the pyri t e surface and 
subsequent reoxidation by oxygen is the likely mechanism, 
e v e n at high pH . This agrees with the prediction of Singer 
and Stumm (1970) . 
There are at least two possible explanations for the 
effect of DTPA on pyrite oxidation a t high pH . It may be 
that iron-DTPA complexes are not readily oxidized or 
reduced, preventing the regeneration of iron(III) oxidant 
and the discharge of oxid8nt at the pyrite surface . A second 
possibility is that the DTPA a t high pH is specifi cally 
adsorbed to iron on the pyrit e surface fo r ming a barri er to 
approach or discharge of oxidants (either iron(III) or 
oxygen) . This is a passivation mechanism , commonly utilized 
to prevent co rrosion of metals (Uhlig, 1971) . Hore 
information is needed to confi r m either of thes e mechanisms. 
The Effects of Other Specific 
~s, Ion ExChange3nd Specific 
~aTS~ Pyrite OXidation 
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The batch experiment method was used to screen various 
amendments for their effect on the rate of pyrite oxidation. 
Thiosulfate, DTPA and possibly hemat it e were found to have 
some effect on oxidation rate, expressed as iron produced. 
The pH effect probably accounts for most other observed 
catalysis. 
The concentration of ca l c ium was adjusted in a co nst ant 
ionic strength 500 mol(NaCl04) m- 3 medium using Ca(Cl0 4 )z· 
This is compared with a similar experiment using Caco 3 to 
adjust calcium concen tr ation in Table 25 . The rates of 
pyrite oxidation expressed as iron a r e all similar in the 
Table 25. Effect of solution calcium on pyrite 
oxidation . 
Tr eatme nt [ Ca2+] 
mol m-3 
None o.o 
None o . o 
CaCl0 4 0.90 
CaCl04 0.92 
CaCl0 4 2 . 57 
CaCl04 2 . 87 
CaCl0 4 5.58 
CaCl04 5 . ~o 
Caco 3 l . 3 4 
CaC0 3 l . oo 
pH 
3 . 50 
3. 54 
3 . 52 
3. 46 
3 .48 
3. 4 7 
3 . 51 
3 . 48 
7 . 69 
7 . 7 6 
Oxidation rate expressed as 
Ionic 
S tr engt h 
mol m- 3 
502 
502 
506 
505 
513 
513 
5 23 
524 
503 
502 
pmol(Fe) 
Oxidation 
Rate 8 
pmol m-2 s -l 
20 
22 
32 
22 
22 
22 
22 
18 
41 
40 
m 
t:---=-=r ----
s . 
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Ca(Cl0 4 ) 2 solutions, which are simila r to the control rates, 
be twe en 18 and 22 pmol m- 2 s - 1 . The Caco3 amended experiment 
resulted in a rate of oxidation twice that of th e con trol, 
about 40 pmol m- 2 s- 1 . Since the dissolution of Caco 3 in the 
500 mol(NaCl0 4 ) m- 3 would result in a solution nearly 
indistinguishable from the CaCl0 4 solutions , except for pH , 
it is concluded that only pH is responsible for th e 
increased rate. 
Calcium ca rbon ate , calcium sulfate and a calcium 
saturated exchange resin are compared in Table 26 for the 
possible effects of calcium conta ining minerals on pyrite 
oxidation rate. The ionic strengths of the solutions 
Table 26. Effect of calci um- containing miner als 
Caco 3 , Caso 4 and exchange resin on 
pyrite oxidation. 
Ionic Oxidation 
Tre a tment [ Ca 2+] pH Strength Rate 3 
mol m- 3 mol m- 3 pmol m-2 
None o . o 3 . 4 2 12 . 5 19 
None o.o 3.40 11 • 9 14 
Ca-Res in 2 . 61 J . 55 8 . 91 zu 
Ca - Res in 2 . 61 3. 59 12.5 0 14 
CaC0 3 l. 48 7 . 70 3 . 8 7 26 
Caco 3 1. 40 7. 69 3.68 29 
Caso 4 14 . 15 3.62 59 . 24 16 
CaS04 15 . 7 8 3 . 58 6 2 . 59 18 
aOxidation rate expressed as pmol(Fe) m- 2 s-1 . 
s - 1 
containing the calcium minerals were not adjusted, b ut 
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results are compared with controls of si milar ionic strength 
(as NaCl04)• Only th e Caco 3 appea r ed to have any ef f ect on 
oxidation r a t es , and this is due to th e increased pH of the 
solution. 
Cation exc hange r esi ns saturated with ca2+ a nd Na+ and 
a n anion exchange resin saturated with ClO~ were added in 
separa t e experiments in amounts such that the exchange 
capacity of the system would be ten times th e expected 
production of ca tion s or anions. Th e ionic str e ngths of the 
experiments were not adjusted, but r es ults are compared 
with controls of similar ioni c strength in Table 27. None of 
these amendments appeared to h ave a ny effect o n p y rit e 
Ta ble 27. Effect o f anion an d ca ti o n exchange on p y rit e 
oxid at ion. 
=========================================================== 
I o nic Oxidation Rates 
Treatment pH Strength [ ca 2+] ~~ m- 2 s - l 
mol m-3 mol m- 3 Fe sot-
---- ---
None 3 . 4 2 12 . 4 6 o . o l9 27 
No ne 3 . 40 ll. 94 o.o l4 24 
Na - Res in 3. 82 11 • 29 o . o 13 33 
Na-Res in 3. 88 1l. 30 o.o 15 33 
Ca-Res in 3 . 55 8 . 9l 2 . 61 20 0 . 3 6 
Ca - Res in 3.59 l 2 . s o 2 . 6 l l4 o . o 
(-) - Resin 3 . 53 7 . 24 o . o 18 23 
(-) - Resin 3 .5 3 12 • 3 5 o .o 21 23 
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ox idation r ates as ex pressed as iron. The appearance of 
s ulfate did appea r to be enhanced in the presence of the Na-
resin a nd supressed in the presence of th e Ca - resin . The 
enhancement may be associated with the fact that 1.27 
mmo l(S05-) m- 3 was present in t he Na-resin solution, 0.72 
mmo l m-3 in theCa-resin solution and 0 . 1 mmol m-3 in the 
control. It is un c lear what the interaction betwe en the 
r~sin and the sulfur compounds may be in these exp~ rim ents. 
The cation exchange resins contain sulfonate functional 
g roups as exc han ge sites, which may induc e polymerization or 
catalysis of sulfur oxidation. 
Hematite which had be en washed and allowed to become 
fully hydrated in 50 mol(NaCl0 4 ) m- 3 appea red to have a 
strong e ffect on the rate of pyrite oxidation. Measured 
rates (as iron) were 185 and 188 pmol m- 2 s- 1 , compared with 
cont rol rates of 14 and 19 mol m- 2 s- 1 • This is consistent 
with a mechanism of oxidation involving oxidized iron as t he 
electron acceptor. The rate of ox id ation measur e d as sulfate 
was less , 41 an d 53 pmol m-2 s - 1 compared with 40 pmol m- 2 
s-l in the con trol . Disulfane disulfonate concentrations 
were high er in the control at the end of the 262 hour 
experiment with 0.063 mol m- 3 in the control compared with 
0.036 mol m-3 in the hematite expe riment. Incompl e te 
digestion of the hematite in the nitric acid di ges tion (see 
Appendix A) could ca use overestimation of the oxidation rdt e 
as iron. Th.e pH of the control and the hemacite-amended 
experiments was approx imat ely 3 . 4 . 
Thermodynamics of Pyrite 
Oxidation 
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The pe and pH of the solutions in each of the one to 
two week experiments were measured with a platinum and glass 
electrode, respectively. When these data are plotted on the 
pe + p H vs. pH diagram (Figure 30), a constant pe+pH is 
apparent with a value of 15.2. This may be interpreted in 
two ways . One is that there is a single solid phase which is 
controlling the solubility of a redox - active com pound over 
the p H range of interest (Lindsay, 1979) . Thermodynamic data 
for a wide variety of iron-containing compounds (jarosite, 
natrojarosite, hydrojarosite, iron(III) hydroxide) were 
compared with the measured pe a nd pH data. Hydrojarosite 
solid - solution equilibria best fi t the data, although 
iron(III) hydroxide would also fit well at low pH . These 
data are compared in Figure )1. This is consistent with the 
theory of Miller (1980) in which jarosite-iron(III) 
hydroxide equilibria buffer the pH of acid mine drainage 
near 4.0. The second way of interpreting the pe+pH cons tancy 
is that the platinum elec trode may simply be beh av ing as a 
platinum oxide pH elect r ode . A pe+pH of 15.2 would not be 
unreasonab le when compared with the data compiled by 
Whitfield (1974) a nd a 1 :1 stoichiometric ratio of e - and H+ 
would be expected for a pH electrode . 
In an attempt to escape the problems with the platinu m 
electrode, pyrite electrodes were constructed and allowed to 
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Figure 30. Redox equilibrium diagram: measured p e +p~ and p~ of 
al l bat c h experiments . 
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eq uilibr a te in solutions similar to the solutions used in 
the experiments with ground pyrite . Potential (pe) 
measurements vs . solution pH are shown in Figure 32 . The 
platinu m electrode behaved as before with a constant pe+pH, 
suggestive of a platinum oxide pH electrode . Th e pyrite 
elec tr ode behaved differently. The e - to a+ ratio was 4:3 
such that 4pe+3pH was a constant 13 . 2. None of the 
equilibrium data tried se e m to fit this r elation . 
Th e most useful app r oach to the thermodynamic 
interpretation of the solution data is to cons ider the 
interaction between iron and reduced sulf ur compounds. 
Figure 33 is a highly simplified version of Figur e 13, 
co nsid ering only th e reactions amo ng disulfane disulfonate, 
thiosulfate and elemental sulfur . The reaction between 
iron(III) hydroxide and Fe 2+ is also super impo sed , c r ossing 
the disulfane disulfonate/thiosulfate stability boundary a t 
about pH 7 . Data for Fe 2+ , disulfane disulfonat e and 
thiosulfate were us ed to calcula t e the pe+pH of th e 
solution. As can be seen in Figure 33, at a given pH the 
calculated pe+pH fo r these two redox couples is similar, 
co nsi stent with the presence of iron(III) hydroxide solid 
phase, not a jarosite solid phase . This also implies that 
the system is approaching redox equilibrium. This is a n 
exception to the reservations of Lindberg and Runnells 
(1984) who doubt the existence of overall redox equilib r ia 
in geologically significant systems. 
pe 
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Figure 32 . Py rit e and pl ati num elect rode pe measurements versus 
glass elect r ode pH . 
Figure 33 . 
5 10 14 pH 
Comparison of measured thios ulf ate, disulfane 
disulfonate , Fe2+ and pH with redox equilibria 
for reduced sulfur compoun ds and iron(III) 
hydroxide. 
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Combining the results of the direct pe measurements at 
low pH and the calc ulated peat neutral and higher pH it is 
ev ident that Fe(OH)J is the iron-containing solid phase 
which is co ntrolling iron solubility a nd redox. The reduced 
su lfur compounds sulfane disulfonate and thiosulfate a r e 
also probably contributing to the redox equilibrium of 
solution iron. It is possible that a redox buffering 
mechanism may be operating a t ne utral pH, similar to that 
proposed by Hille r (1980) f o r iron(III) hydroxide a nd 
jarosite at low pH. 
Column Studies: The Influenc e 
~ Calcium Carbonate on 
Pyrite Oxidation ProdUCts 
The composition of the e ffluents from the thr ee columns 
reflected the sequence of packing of th e pyrite and ca l cium 
carbo nate. Sulfate accumulated in the effluent was sca l ed by 
the surface area of pyrite used and the rate shown to vary 
with time in Figure 34. 
Column 2 exhibited very rapid accumulation of sulfate 
initially, followed by a relatively slow rate. In this 
column sulfate released from the pyrite was not r etained by 
the Caco 3 (as Caso 4 ) as it was in the other two columns. 
Calci um concentratio ns reflected Caco 3 saturation in the 
sol ution before it reached the pyrite. Copper concentrations 
were very high initially, apparently from soluble salts in 
the pyrite. Iron was also present in the effluent due to the 
low pH (4 . 2). 
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Figure 34 . Accumulation of sulfate in the effluents of three 
columns containing pyrite and calcium carbo nate in 
different sequences . 
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Column l had the lowest initial rat e of release of 
sulfate. Concentrations were apparently influenced by 
precipitation or adsorption in the Caco 3 layer below the 
pyrite, although pH a nd concentrations did not reach those 
predicted for gypsum saturation. Copper and iron 
concentrations were a l so low due to the formation of copper 
carbonates and iron hydroxides (which were visible). The 
effluent pH was maintained at 8.2 by th e Caco 3 layer . 
Column 3 exhibi t ed an intermediate initial rate of 
acc umul ation of sulfate, but had the highest rate of 
accumulation after the initial phase . Like column l, 
sulfate, iron and copper were influenced by th e Caco 3 . 
Calcium concentrations and the pH of 8 .3 do not indicate 
gyps um saturation, however. 
Thi s experimen t shows that two reactions are occurring 
during the leaching process. The first is a rapid 
dissolution of readily soluble salts which is dependent on 
pH and the vertica l configuration of the pyrite and calcium 
ca rbonate layers. This may be a diffusion-contr ol l ed 
reaction, however sulfate data do not fit the first or 
second laws of diffusion. Rates of production of sulfate and 
other ions have no relation to th e rate of pyrite oxidation. 
After the initial release of sol ubl e salts , the only 
source of additional sulfate is pyrite oxidation. In these 
ex periments this appears as the approximately linear rate of 
accum ul ation of sulfate after about a week. This contin ued 
until the termination of th e experiment afte r a month . As 
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predicted by the batch experiments, the highest r ate of 
pyrite oxidation (as sulfate accumulation) during the second 
phase was found at the highest effluent pH, !!.3, in column 
3 . The lowest was at pH 4 . 2 in column 2. Linear rates of 
sulfate accumulation in the three columns for both the 
initial dissolution reaction and the second oxidation 
reaction are shown in Table 28. 
The rat es of pyrite oxidation based on sulfate are less 
than those found for the batch experiments. Fo r example, 80 
to 120 pmol(SO~-) m-2 s-1 would be expected at pH 8.3 and JO 
to 40 pmol(SO~ - ) m-2 s-1 at pH 4.2 . This could be due to 
interactions with calcium carbonate to reduce the 
concentration of sulfate in solution, the presence of 
reduc ed sulfur com po unds in the eff luent, or the physical 
limit a tions of a pack ed column compared with an occasionally 
agitated bottle (batch) experiment. 
The rates of accumulation of disulfane disulfonate and 
thiosulfate were calculated in the same manner as sulfate 
and are shown in Table 28. As pr edicted by the pH dependence 
of the thiosulfate to disulfane disulfonate reaction, 
disulfane disulfonate accumulated at a much higher rate in 
th e pH 4.2 effluen t of column 2 than in the other two 
columns. The highest r ate of accumulation of thiosulfate wa s 
in the mixed pyrite-calcium car bonat e column 3 at pi! 8.3. 
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Table 28 . Rates of production of soluble sulfur com pounds 
in col u mn effluent (Ionic strength=SOO mol(NaCl0 4 ) 
m- 1) . 
Column 1 Column 2 Column 3 
Seq u ence: Fes 2- >caco 3 Mixed 
Effluent pH 8.2 4. 21 8.3 
pmol(SOt-l m- 2 s-l 
first reaction 119 174 183 
s eco nd r eac ti o n 6 . 9 4 .9 7 • 7 
pmol(S 4 ot-l m-2 s -1 
first r eac ti o n a 2. 3 a 
second reaction 0 . 0029 0 . 18 0 . 069 
p mol(S 2 o~ - ) m- 2 s -1 first reaction 0. 15 0.022 0 . 34 
second r eac t ion 0 . 0099 0.00014 0.062 
a Two reactions co uld not be disting ui shed . 
Implications for Reclamation 
of Mine Spoils and Tailings 
Th e rate of pyrite oxidation cannot be calculated 
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directly from the rate of sulfate acc umulat ion from columns 
as has been suggested by Geidel (1980) and Carrucio, et al. 
(1 981). The erro r in this analysis is demonstrated in Table 
29, which shows the ratios of thiosulfate and disulfane 
disulfonate sulfur in the effluents from the three columns . 
When the effluent from pyrite oxidation passed through a 
Caco 3 layer (column 1), th e production of reduced sulfur 
compounds was least, less than 1% . In the mixed pyrite - Caco 3 
(column 3), 5% of the effluent sulfu r was present as reduced 
compounds. In column 2, 12 % of the sulfur was present in 
a reduced form, primarily disulfane disulfonate. This 
represents a considerable portion of the total reducing 
potential of the pyrite disulfane. 
Table 29. Ratio of reduced sulfur compo u nds to total sulfur 
in column effluent. 
Column 1 Column 2 Co 1 u mn 3 
Seq uence: FeS 2->caco 3 CaC0 3-)FeS 2 Hi xed 
E ff 1 ue n t pH 8. 2 4. 21 8. 3 
5203 - S/Total-S 0.00283 0.000051 0.0153 
5406 - S/Total - S 0 . 00167 0.125 0 . 0374 
Reduced - S/Total - S 0.00450 0.125 0 . 0528 
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Sulfate sulfur is the 100% oxidized state , having 
released 7 moles of electrons for every mole of pyrite 
sulfur. Thi osu lfate has only released 3 of th e 7 moles of 
electrons and disulfane disulfonate 3.5 moles. Thus, these 
compo u nds are only half oxidized and a r e capable of reducin g 
more oxygen as well as metal oxides in their path. This has 
- been propos ed as a mechanism for the formation of r oll - type 
uranium deposits in Wyomin g (Goldhaber , 1980) . This could 
also affect the mobilization of toxic metals during th e 
disposal of pyritic mine spoils and mill tailings. 
These expe ri men t s demonstrated that liming of pyritic 
materials will increase the rate of oxidation. Soluble, 
reduced sulfur compou nd s such as thiosulfate, disulfane 
disulfon ate and sulfite make the analysis of pyrite 
oxidation products and rates more complex than usually 
assumed. Analys is of iron oxidation products may be one 
method of circ umv ent ing the analytical problem . 
Column studies do not accurately predict the acid 
potenti al of pyritic materials, but they may be useful for 
planning treatment strategies. Burial over a ca lcareous bed 
may help mitigate the transpor t of reduced sulfur compo unds. 
MiKing of calcareo us materials with pyritic materials may 
cause prob lems due to the in c r eased rate of pyrite 
weathering at high pH and the production of reduced sulfur 
conpounds. 
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CONCLUSIONS 
Analytical Chemistry 
The products of pyrite oxidatio n include sol ution phase 
Fe 2+ , Fe 3+, SzO~-, s4 og-, SO~- and sol- Other sulfur 
compounds are certainly pre sent but were not measured in 
this study . The solid phase product measured in this study 
was Fe(OH)3. The presence of jarosite compounds at low pH 
would be cons istent with solution equilibrium data. 
An accurate description of the thermodynamics, kinetics 
or microbial catalysis of pyrite oxida tion r equi r es that all 
products and reactants be co nsid e r ed. Sulfate production is 
not a sufficient indicator of the r a te or extent of 
decomposition of the mineral . The production of solution 
iron plus solid - phase iron oxide (cit r ate -bi carbonate 
extractable) is a mo r e rigorous approach t o the extent of 
reaction. 
The importance of the reduced sulfur compounds in 
pyrite oxidation is out of proportion to th eir molar 
conce ntr ations due to th e greater reductive capacity of a 
mole of disulfane compared with a mole of iron(ll) . Each 
mole of the pyritic disulfane must lose electrons in 
oxidation t o sulfate , while iron(ll) loses only one 
electron . Soluble reduced sulfur compounds may be important 
in the mobilization of many toxic metals . 
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Thermodynamics 
The pyrite oxidation reaction never even approached 
real equili brium in this study since pyritic residue was 
left over at the end of every ex periment . Metastable 
eq uilibrium states were reached, however . These states 
cannot be eliminated on the basis of the restrictions of the 
phase rule; neither ca n they be predicted. 
It was found that solution concentration data wer~ 
consistent with the presenc e of Fe(OH) 3 at low pH and 
probably also at higher pH . Solution concentration data for 
the thiosulfate - sulfane disulfonate redox coupl e we re found 
to be consistent with a redoK equilibrium among solution 
iron and sulfu r species at pH 6 to 9. 
The distribution of sulfur oxidation products is pH 
dependent and can be interpreted in terms of a metastable 
equilibrium amo n g the r educed forms thiosulfate, disulfane 
disulfonate and sulfite . Thi os ulfate a nd sulfite predomin a t e 
in th e pH range greater than a bout pH 7 or 8 . Sulfane 
disulfonates are more predominant at more acid pH . 
Direct measurement of solution redox potential with the 
platinum electrode gave results consistent with th e 
iron(II)/iron(III) r e dox co upl <i! in the pH 4 to 5 range . 
Potentials were in agr~ement with the ~quilibrium constants 
for hydroniun jarosite over the enti re pH range measured. 
Th e occuracy of the platinum electrode at higher pH is 
questionable, however, as it mdy respond more to pH changes 
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than to redox. The pe+pH of the system was observed to be 
constant 1 which is consistent with the behavior of a pH 
electrode. 
~ El ectrochemist·ry 
The pyrite elect r ode does not exhibit the potential 
predict ed based on the equilibrium between pyrit e and 
oxygenated wate r. The higher potentials measured are 
indicative of greater stability which may be a result of any 
one of several passivation mechanisms. Iron oxide forming on 
the surface of the pyrite electrode may become sufficiently 
thick to impede the diffusion of oxidant (oxygen or Fe3+) to 
the pyrite surface . Alternatively, a mixed oxidation state 
iron oxide or reduced sulfur co mpounds such as thiosulfat e 
may serve as a redox buffer, lowering the redox potential of 
the solution in the vicinity of the electrode surface . 
Pyrite oxidation r ates were lower in the presence of 
thiosulfat e . Oxida tion rates wer e also redu ced in the 
presence of DTPA, which presumably prevents solution iron 
from oxidizing, a nother method of passivation. 
Reduced sulfur compounds may also influen ce the 
potential of the pyrite electrode . Potentials measured in 
this study were n o t co nsist ent with any known iron or sulfur 
components or phases. 
Kinetics 
The extent of pyrite oxidation was measured in terms of 
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iron produced (solution and solid phase) and compared with 
the sulfur produced. The oxidation rates determined based on 
iron products were generally higher than those based on 
sulfur. Reduced sulfur compounds were found to be a 
significant portion of the sulfu r oxidation products . 
Linear or zero - order k i netics were found to be 
s u fficient for desc r i p tion of pyrite oxidation in this 
study. Linear kinetics were observed as electrical 
conductivity, solution sulfur products and solution pl u s 
solid phase iron products . 
The rate of pyrite oxidation is p H dependent, 
increasing from 10 - 20 pmol(Fe) m-2 s-1 to 40 - 60 pmol(Fe) 
m- 2 s - 1 between pH and 9. T h is is consistent with an 
oxidation mechanism which has the reoxidation of solution 
phase Fe 2 + via a reaction between an iron hydroxide complex 
and hydrated oxygen as the rate - determining step . The effect 
of background electrolytes on oxidation rates at low pH a lso 
supports this mechanistic interpretation. 
The interactions between pyrite oxidation and various 
minerals and electrolytes can be related to the pH effect. 
The effect of calcium carbonate, sodium bicarbonate and 
calcium - saturated bentonite is to increase pH . Thiosulfate 
also increases pH as it oxidizes. However, specific 
interactions between thiosulfate and pyrite or pyrite 
oxidation products appeared to supress oxidation rates 
compared with contro l s at simila r pH . The chelate DTPA 
appeared to have a specific inhibitory effect as well . 
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Implications 
The view that pyrite oxidation is a microbially 
con t rolled process is an incomplete one and inaccurate at 
ne u tral to high pH. Both the biological and non-biological 
mechanisms advanced must account for the presence and 
interactions of the reduced sulfur compounds thiosulfat e , 
the sulfane disulfonates and sulfite . 
The r ed uced sulfur compounds may be important in th e 
reduction and mobilization of toxic met a ls in soild an d 
groundwater. They may also have a direct toxic effec t on 
plant growth . 
The disposal of pyritic mine spoils or tailin gs must 
take th e production of redu ce d sulfur compounds into 
co nsid e ration. Mixing with ca l ca reous mater~al may produ ce 
the greatest amounts of thi os ulfate, which is a good 
r educing agent for toxic metals . Placing lime below buri e d 
pyriti c materials may prot ec t g r o undwat e r qua li t y more 
effec ti vely th a n application of lime to the surfac e . 
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Appendix ~ 
The oxidation of pyrite results in th e formation a new 
solid phase of oxidized iron , eithe r Fe(OH) 3 or a jarosite 
compound, depending on the solution p H and composition. In 
order to accurately evaluate the extent of pyrite oxidation, 
both the solution phase and solid phase iron products must 
be analyzed. The sodium citrate method of Jackson (1956) is 
a suitable method for dissolution of both jarosite and 
Fe(OH) 3 without appreciable degredation of the pyrite . 
Digestion of the sample with co ncentrated nitri c acid on a 
steam plate, evaporation to dryness and redissolution in 3M 
HCl is a suitable method of analysis for total iron . Both 
the sodium citrate extract and HC1-HN0 3 digest may be 
analyzed for iron by standard flame atomic absorption (AA) 
techniques. Care must be taken to prepare iron standards in 
sodium citrate as the citrate may interfere with iron 
absorbance. 
The simp lest way to express the kinetics of pyrite 
oxidation is in terms of th e conversion of pyritic Fe(II) to 
solution and solid phase Fe(III) . The initial mass of 
Fe(III) in the system is assumed to be zero . At the end of 
the experimen t, some of the pyritic Fe(II) has been oxidized 
to Fe(III) , hence: 
[F e TJ = [Fe(II)] + [Fe(III)] [ l] 
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where FeT represents the total iron in the system. Dividing 
equation (1] by (Fe(II)] results in equation (2]: 
[Fe (II)] 
[Fe( III)] 
1 -
[F e( II)] 
The ratio (F e( III)]/[Fe(II) ] can be calc ulated from th e 
digest data: 
[ 2] 
[Fe( III)] 
[Fe( II)] 
[ 3] 
where [Fee) represents the iron concentration on a mass 
basis in the citrate extract plus the total solution iron 
and FeN represents the concentration on a mass basis in the 
nitric acid extract . By rearrangement and substitution of 
equation [2] in equation [ 1], the amount of iron oxidized 
ca n be calculated : 
[Fe( III)] [ 41 
[Fe( III)] 
1 + 
[Fe( II)] 
This calculation is independent of other sources of Fe(lll) 
in the system, since the total iron concentration is 
measured. A cor r ection must be made for iron in solution by 
adding both [Fe)+] and [Fe2+], or total solution iron to the 
Fee term. It is assumed that reduced iron in solution 
represents pyrite i r on which has been oxidized, then reduced 
in the the autocatalytic, electrochemical oxidation of 
pyrite by solution iron(lll) (Singer and Stumm, 1970). 
Appendix ! 
Calibration of Platinum 
Redox ElectrOdes 
Redox electrodes were constructed following the 
suggestions of Ponnamperuma (1972) . The y consisted of 
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platinum wire fused in one end of a piece of glass tubing 
containing a mercury contact with copper wire . The 
electrodes were cleaned regularly with a mild silver polish 
and stored in an electrolyte solution similar to the 
experimental solution. 
Orion doub le junction electrodes were used as th e 
standard reference electrode. These elec tr odes consist of an 
inner Ag/AgCl electrode with a ceramic junction to an outer 
sleeve whi c h functions as a salt bridge. The supporting 
elect rolytes were prepared from deionized distilled wat er 
using analytical grade chemicals . The inner electrode 
solution was 3 . 5 M KCl saturated with Ag (AgN0 3 wa s used). 
The outer salt bridge solution was 10% KN0 3 (approximately 
M). The inner electrode solution was replaced at least once 
each week and the outer salt bridge solution was replaced 
daily at least several hours befor e measu r ements . Most of 
the drift encountered in using the redox electrode-reference 
electrode pair could be elimina ted by equilibrating the 
reference electrode with an elec trolyte solution similar in 
ionic strength and composition to the expe ri mental solution. 
Ponnamperuma describes two methods for calibration of 
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the redox electrode - reference electrode pair. The first 
r efe r e n ce used was a solution 0.0033 M potassium 
ferrocyanide, 0.0033 M potassium ferricyanide and 0 . 1 M KCl. 
This solution contains the Fe(II)/Fe(III) redox couple , 
which was the s~me as the experimental redox couple . At 298 
K the potenti~l for this solution is 463 mV. This solution 
must be prepared fresh daily as the iron(II) oxidizes fairly 
rapidly . 
The second reference solution used was a saturated 
"quinhydrone" suspension in 0.05 M potassium acid phthal a t e 
to maintain a pH of 4. Quinhydrone is a mixture of 
hydroquino n e (1 , 4 - dihydroxybenzene) and p - benzoquinone 
(C6H402) which dissolves to form a 1:1 mixture in solution. 
The standard potential for this redox couple is 699.5 mV 
(vs . the hydrogen electrode, pH : 0). The redox reaction is: 
p-benzoquinone + 2 H+ r 2 e- = hydroquinone . 
The potential of the r edox co upl e can be calculated for any 
pH based on the Nernst ~quation: 
E = E0 - 59 . 2 pH, 
where E 0 is the standard potential and E is the potential 
observed at the pH specified. The potentials calculated for 
pH 4 and are 463 and 285 mV, r es pectively. Baseu uLl tlt" 
difference between the potent ial measured in the standard 
solution using any specific pair of redox and reference 
elect rodes and the potential calculated, the potentials 
measured in the experimental solutions may be corrected 
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relative to the standard hydrogen electrode . 
The iron(II)/iron(III) reference solution was 
relatively unstable compared with the saturated quinhydron e 
suspension. This stability is documented for pe riods of up 
to a week in the data of Granger and Nelson (1921). The 
pr e paration in pH 4 buffer described here was observed to 
remain stable for many weeks. The pH dependence of the 
quinhydrone potential can also be calculated and standards 
of various acidities may be pr epa red . For th ese r easons th e 
saturated quinhydr o ne suspension was us ed as the r eference 
standard for most of these experiments . 
Appendix .£ 
P h o t o me tr ic Deter mination 
of Sul fate 
The method of Nemeth (1963) was u t il i zed in which 
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sulfate is dete r mined stoichiometrically as chromate after 
precipitation of barium sulfate from a barium chromate 
solution : 
Bari u m sulfate is precipitated in the o ri ginally acidic 
solution . The excess barium c h romate is the n precipitated by 
raising the pH with ammonium hydroxide, leaving a quantity 
of chromate in solution stoichiometrically equivalent to the 
amount of sulfate precipitated as barium sulfate. The 
resulting solution is relatively stable and absorbance at 
436 nm has been shown to obey the Beer-Lambert Law at total 
sulfate concentrations of 1.0 to 5 . 6 mmol/L (after dilution 
by reagents). 
This method appears to work very well with sulfate 
concentrations between l and 50 mmol/ L (as in gypsiferous 
soils) . It works in the presence of iron(II) in solution, 
but other reducing agents such as thiosulfate may interfere 
by reduction of the chromium. It is very important to 
centrifuge or filter the samples careful l y to remove fine 
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crystals of BaCro 4 befo re the photometric measur eme nt . 
Determination by photometric means gives a detection limit 
of between 0 . 1 and 1 . 0 mmol/L , while use of atomic 
absorption for chromium may extend the detection limit by 
an order of magnit u de . 
Reage n ts . 
l. Ba r ium ch r omate solu t ion (0.1 N). Dissolve 12.66 g 
of BaCro 4 in 150 ml of 25% HCl. Make to 1 L with distilled 
water . Note: it may tak e several hours for the b a rium 
chromate to dissolve. 
2. Ammonium hydroxide solution . Make a 1 : 3 dilution of 
25% ammonium hyd r oxide in distill e d wate r . 
3 . Standa rd s . Use sodium sulfate p r epared i n the same 
electrolyte solu t ion used for extraction or distilled wat e r. 
Procedure . 
1 . Pipette 2 to 25 ml of sample into a 50 ml volumetric 
flask. Pr e pare standards similarly . 
2. Add 10 ml barium chromate solution. Use less lf 
sulfate concen tr ations are low (less than 1- 5 mmol/L) . Mix 
well . 
3 . Add 5 ml ammonium hydroxid e solut i on. Make to volume 
with distilled water . Mix well. 
4. Any one of three methods may be used to separate the 
fine, c rystalline precipit ate from the solution: (a) filter 
the sample with a fine filter , (b) centrifuge 5 min ut es at 
3000 rpm , (c) allow the co ntents of the flask t o settle 
overnight (followed by atomic absorption analysis of 
supernatant). 
l88 
5. Chromium concent rations may be determined in either 
of two ways: (a) colorimetrically at 436 nm, or (b) measure 
chromium by atomic absorption. 
Correction for thiosulfate and disulfane disulfonate . 
Thiosulfate will quantitatively reduce chromium(VI) to 
ch romium (III) in this method. The reaction is very rapid, 
probably complete within an hour, oxidizing thi osulfate to 
sulfate after the addition of the ammonium hydroxide . An 
electron balance for the reduction of chromium(VI) by 
thiosulfate yields 2 .67 moles of chromium(III) per mole of 
thiosulfate: 
8 Cr(VI) + 3 s2 oj- • 8 Cr(III) + 6 SO~-. 
A se r ies of standard thiosulfate solutions analyzed as 
sulfate resulted in approximately 2 .94 moles chromium (by 
atomic absorption) per mole of thiosulfate. Hence the 2 . 67 
figure was adopted for correction of sulfate measur e ments in 
the presence of thi osulfate . 
By ana logy, the reduction of ch rorniurn(VI) by disulfane 
disulfonate would yield 4.67 moles of chrornium(lll) per mole 
of disulfane disulfonate: 
l4 Cr(III) + l2 SO~ -
189 
The formula fo r co rr ection of sulfate measurement s in the 
presence of thiosulfate and disulfane disulfonat e is: 
[Sof-lcorrected 2 
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